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ABSTRACT

Author: Irawati, Utami. PhD.
Institution: Purdue University
Degree Received: August 2018
Title: Revisiting the Decay of Monochloramine
Major Professor: Chad T. Jafvert
An aqueous solution containing predominantly monochloramine can be very complex
chemically, as once it is formed, monochloramine can undergo a number of reactions. The loss
of monochloramine primarily occurs through monochloramine hydrolysis or through a
disproportionation reaction. However, there are only a few research papers that have investigated
the kinetics of these two reactions. Some of the findings of these previous studies show
inconsistencies with respect to the rate constant values of the reactions. Hence, both of these
reactions were studied in depth in this work. In the case of the disproportion-ation reaction,
previous studies have indicated that the presence of a buffer enhances the reaction rate, thought
to occur through a general acid catalysed pathway. In this study, the assumption that the reaction
proceeds through a general acid catalysed mechanism was re-evaluated, as it can be shown that
this mechanism, in some cases, is mathematically identical to a specific acid (H+), general base
catalysed mechanism. To test these mechanisms, the rate of the reaction was measured in
different buffer systems (carbonate, acetate, phosphate) over a range of pH values from 3 to 5.
The change of monochloramine concentration was monitored by measuring the change in light
absorbance at wavelengths in the ultraviolet region where monochloramine and dichloramine
have absorbance maxima. Whereas the presence of phosphate and acetate buffers increased the
reaction rate, there was no rate enhancement in the presence of carbonate buffer. The results of
the study showed that the reaction rate is dependent on the total concentration of the buffer,
rather than the concentration of either the acid or base form alone. The results also suggest that
the reaction may proceed between protonated and neutral monochloramine molecules, consistent
with the specific acid catalysed mechanism. The buffer likely catalyses the reaction either by
participating in the initial protonation process of monochloramine, or by assisting in the
abstraction of a proton, allowing for the transfer of the chlorine atom to the monochloramine
from which the proton is abstracted, forming dichloramine. In the case of the hydrolysis
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reaction, no previous study has been performed in which this reaction has been satisfactorily
isolated from all other interfering reactions. To this end, a suitable hypochlorous acid (HOCl)
scavenger was identified that allowed the hydrolysis reaction to be isolated from all competing
reactions. Indeed, cyanide (the scavenger) reactions with (HOCl) at a rate much faster than
HOCl reacts with ammonia (NH3). Hence, in a series of experiments, cyanide was added to
monochloramine solutions to quench HOCl, formed during the hydrolysis reaction, preventing
the rapid reverse reaction of monochloramine reformation from occurring. The result of this
study showed that without interference from the back reaction, monochloramine decayed quite
rapidly with a first order rate constant of kobs = 2.156  10-5 s-1 at a room temperature. A
significant increase in the reaction rate was observed when the experiments were conducted at
higher temperature. In addition to investigating these two reactions, a critical review of the
experimental methods used to measure chlorine in water is provided.

1

CHAPTER 1. INTRODUCTION

1.1

Scope and Significance
Monochloramine (NH2Cl) has been receiving interest and gaining use as an alternative to

free chlorine as a drinking water disinfectant. Monochloramine is an option in cases where lower
concentrations of disinfection by-products are preferred. In a drinking water distribution
network, monochloramine undergoes a set of complex reactions which are highly dependent on
pH. In terms of its decay, there are basically two main initial reactions that lead to further
reaction and loss. These initial reactions are: (i) hydrolysis, in which the monochloramine reacts
with water, reforming hypochlorous acid (HOCl) and ammonia (NH3), and (ii)
disproportionation, in which monochloramine reacts with another monochloramine molecule,
forming dichloramine (NHCl2) and NH3.
Despite the importance of these two reactions, there are only a few studies that have
focused on determining the kinetic rate constants of these two reactions, and inconsistencies exist
in the reported constants. For example, values reported for general acid catalysed rate constants
for the disproportionation reaction are inconsistent. Also, considering the complexity of all the
reactions that occur simultaneously with the hydrolysis reaction, inconsistencies exist in the
reported rate constants for this reaction (khyd). As a result, in this study the disproportionation
reaction has investigated by measuring the rate of the reaction in different buffers, re-evaluating
the previous assumption that the reaction is general acid catalysed. This study also re-evaluated
the hydrolysis reaction by conducting experiments under conditions where the back reaction was
prevented from occurring. With respect to the importance of chlorine as a widely used
disinfectant in water treatment, a number of chlorine detection methods also are reviewed in this
study.
It is expected that the results presented in this study will contribute to a better
understanding about the nature of the reactions that involve monochloramine in a water system.
Considering the potential of monochloramine as an alternative disinfectant, the results of this
study could also help to provide insight on the use of monochloramine in water treatment
systems.
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1.2

Chemistry of Chlorine and Chloramines
Chlorine has been one of the most commonly used substances for disinfection purposes

due to its nature as a strong oxidant. In aqueous solution, chlorine gas hydrates rapidly forming
HOCl, which in turn dissociates to form OCl-, depending on the solution pH1. In a system where
ammonia is present, which is common in a typical water treatment system, chlorine can be
present either in the form of free chlorine (HOCl + OCl-) or as chloramine species (referred to as
combined chlorine). Chloramine species include monochloramine (NH2Cl), dichloramine
(NHCl2) and nitrogen trichloride (NCl3).
The term breakpoint chlorination is used to describe the addition of chlorine to water at a
dose sufficient to oxidize all ammonia species, such that only free chlorine species remain in
solution after the reactions are complete (generally 10 to 30 minutes, depending on the pH). In
general, it requires the addition of chlorine to water at a chlorine to ammonia molar ratio greater
than 1.7 to achieve breakpoint chlorination. Over the entire chlorine to ammonia dose range, the
composition of stable chlorine species as a function of the initial molar ratio of chlorine and
ammonia-nitrogen can be explained by Figure 1.1.

Total Chlorine concentration

Monochloramine is the
dominating species

Dichloramine
starts to form and
quickly decay

1:1

Free chlorine starts to form,
free ammonia is no longer
present

1.7:1

Cl/N molar ratio
Figure 1.1 Residual chlorine as a function of initial chlorine concentration to ammonia
nitrogen (Cl/N) Ratio
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The region where the initial mass ratio of chlorine to ammonia is ≤ 1 is dominated by
monochloramine, as the reaction between HOCl and NH3 is rapid compared to reaction between
HOCl and NH2Cl. As the dose of chlorine is increased so that the molar ratio of Cl/N is
somewhere between 1 and approximately 1.7, the system is still dominated by combined chlorine
species, and appreciable dichloramine is initially formed. At and above the breakpoint, which is
reached when the initial molar ratio of Cl to N is approximately 1.6 to 1.7, all of the ammonia
nitrogen is oxidized within 20 to 40 minutes 2. At Cl to N ratios greater than the breakpoint, the
dominant chlorine species after ammonia oxidation has occurred are the free chlorine species,
HOCl and OCl-.
Chloramination recently has been used as an alternative method to disinfect drinking
water. The reason is that by adding ammonia with chlorine, resulting in predominately
monochloramine, less regulated disinfection by-products (DBPs) are formed, as chloramine
species generally are less reactive towards organic compounds compared to free chlorine. Free
chlorine species can react with both ammonia, forming chloramines, and with organic
compounds that contain nitrogen, forming organic chloramine species.
1.3

Reactions Involving Monochloramine
An aqueous solution containing predominantly monochloramine can be very complex

chemically, as once it forms, monochloramine can undergo a number of reactions. Some of these
reactions are quite slow, whereas others are quite rapid. The loss of monochloramine can take
place (i) through monochloramine hydrolysis, (ii) through a disproportionation reaction, or (iii)
by a reaction with HOCl to form dichloramine 3. However, these three primary reactions are not
the only reactions that can affect the concentration of monochloramine in a system.
Monochloramine loss also may occur through redox reactions in which chlorine is reduced to
chloride ion. Some reactions involving monochloramine are a function of proton ion activity 4,
and all are obviously temperature dependent. Because all these reactions occur simultaneously,
it is often difficult to isolate and study one particular reaction within the system without some
interference from other reactions 5. Reactions involving monochloramine are presented in Figure
1.2, including reactions involving cyanide and hydroxide ion (which are typically not
significant).

4
+ 𝑂𝐻 −
+𝐻𝑂𝐶𝑙
𝐻2 𝑂
𝑁𝐻2 𝐶𝑙

𝑁𝐻3 + 𝐻𝑂𝐶𝑙

𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂
𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

disproportionation reaction

𝐻2 𝑂
hydrolysis reaction

+ 𝑁𝐻2 𝐶𝑙

𝑁𝐻2 𝑂𝐻 + 𝐶𝑙 −

+ 𝐶𝑁 −
+ 𝑁𝐻𝐶𝑙2

𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠

𝑁𝐻3 + 𝐶𝑁𝐶𝑙

Figure 1.2 Reactions involving monochloramine
Consistent with Figure 1.2, Ozekin et al. 4, proposed that the rate of monochloramine decay (in
the presence of excess ammonia in pure water, i.e., in the combined chlorine region of the
breakpoint curve) can be simplified to occur through a series of 5 reactions, ignoring the reverse
reaction of disproportionation (and again, ignoring for now the reactions involving hydroxide
and cyanide). The 5 reactions that largely influence the rate of monochloramine decay are:
𝑁𝐻3 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

(1.1)

𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂 → 𝑁𝐻3 + 𝐻𝑂𝐶𝑙

(1.2)

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

(1.3)

𝑁𝐻2 𝐶𝑙 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂

(1.4)

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻𝐶𝑙2 → 𝑁2 + 3𝐻𝐶𝑙

(1.5)

The formation of monochloramine in eq 1.1 has been studied extensively, with Weil and
Morris 6 the first to study the kinetics of this reaction. According to them, the overall rate of this
reaction is first order in HOCl and first order in NH3. Weil and Morris calculated the second
order rate constant to be k1 = 6.16  106 M-1 s-1 (at 25°C). The most recent study to determine
the rate constant of monochloramine formation was reported by Qiang and Adams7, who used a
stopped-flow technique to determine the rate constant for eq 1.1 (at 25°C) to be 3.07  106 M-1 s1

. Morris and Isaac calculated the rate of reaction between HOCl and NH3 based on the values
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from multiple references8. Based on the result of the calculation, they reported the rate constant
for the reaction as k = 4.2 × 106 M-1 s-1, with a reported estimated accuracy of 25%.
The hydrolysis reaction of monochloramine (eq. 1.2) is the back reaction of eq.1.1, in
which monochloramine reacts with water, releasing ammonia and HOCl. Granstrom9 was the
first to reported a rate constant for this reaction of k = 2.49  10-5 s-1 (at 25°). However, this
value was determined through an indirect measurement, and thus is still questionable in its
accuracy due to the extent of competing reactions. There have been other studies on the kinetics
of this reaction with various rate constants reported. For example, Morris and Isaac proposed
that the rate constant of this reaction can be calculated as a function of temperature where 𝑘 =
1.38 × 108 × 𝑒

−8800
𝑇

𝑠 −1, by recalculating the original data from Granstrom8. Margerum et al.

proposed the value of k = 1.9  10-5 s-1 by measuring the rate of reaction between HOCl and NH3
(i.e., the reverse reaction), and the apparent equilibrium constant between these two reactions10.
To date, isolation and direct measurement of the rate constant for the hydrolysis reaction has not
been reported. This likely stems from an inability to isolate the reaction by simple changes in
experimental conditions, such as pH, ammonia concentration, and buffer concentration.
The disproportionation reaction of monochloramine is shown in eq 1.3. In this reaction,
one monochloramine molecule reacts with another, producing dichloramine and ammonia. The
previous assumption about this reaction is that the reaction is a general acid catalyzed reaction,
as what have been proposed by Granstrom9. Valentine and Jafvert also studied the
disproportionation reaction, where they investigated the reaction at low pH, in phosphate and
sulfate buffered solutions11. The results of their experiments showed that an increase in H+,
H3PO4 (and H2PO4-) or HSO4- concentration resulted in an increase in the overall reaction rate.
Based on these results, and those previously published by Granstrom (using acetic acid), they
proposed that the disproportionation of monochloramine occurs by a general acid catalyzed
reaction pathway.
In reaction 1.4, monochloramine reacts with free chlorine to form dichloramine. This
reaction takes place when there is sufficient free chlorine in the system. The reaction rate for this
reaction was reported to be 2.78 x 102 M-1 s-1 12.

6
1.4

Monochloramine Disproportionation
One of the earliest studies concerning the disproportionation of monochloramine was

performed by Granstrom9. Because the reaction was studied under acidic conditions, Granstrom
used the acetate - acetic acid buffer system to control pH. Under these conditions, in addition to
protons catalyzing the reaction, it was found that an increase in buffer concentration also
increase the rate of the disproportionation reaction, and by evaluating the data, Granstrom also
noted a pH-independent (non-acid catalyzed) contribution to the overall rate. In the acetateacetic acid buffer system, Granstrom proposed that the overall second-order rate constant was,
4310

𝑘 = [(6.75 × 103 ) + (6.3 × 108 × [𝐻 + ]) + (6.3 × 108 × [𝐻𝐴𝑐])] × 𝑒 − 𝑅𝑇

(1.6)

Where temperature has units of Kelvin, and the units on the overall rate constant are M-1
min-1. Later studies modeled this reaction as a general acid catalyzed reaction 4, 13,
𝑘𝑜𝑏𝑠

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 →

𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

(1.7)

where kobs = Σki [HAi] , and where ki represents the specific rate constants for the i-th
proton donating species. In their study, Valentine and Jafvert used phosphate and sulfate buffer
to determine the rate constants of monochloramine disproportionation in these buffer systems11.
They did not measure, but estimated, the rate constant for disproportionation in carbonate
containing waters by using a linear free energy (LFER) relationship that related the acid
dissociation constants of the acid species to the reaction rate constants associated with these
species. Despite the studies that have been performed on the kinetics of disproportionation
reaction, there have been some inconsistencies in the proposed rate constants. In fact, some
evidence suggests that the mechanism may be different that the one initially proposed. Indeed,
rather than being a general acid catalyzed reaction, this may be a specific acid, general base
catalyzed reaction. This alternate mechanism is consistent with the one proposed for the
disproportionation of N-chlorotaurine, an organic compound that has the same R-NHCl structure
14, 15

.
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1.5

Monochloramine Hydrolysis
To have a more accurate estimate of the kinetic constant for monochloramine hydrolysis,

it is necessary to study the reaction under conditions in which the hydrolysis reaction is the most
dominant monochloramine decay reaction occurring in the system, and under conditions in
which interferences of other reactions (especially the reverse reaction involving HOCl and NH3)
are minimized. Because the disproportionation reaction is acid catalyzed, one way to ensure that
interferences from this reaction are minimizes is to conduct the experiments at higher pH values.
One of the possible interfering reaction is the reaction between ammonia and free chlorine (the
products of the reaction), which is very rapid. However, this reaction can be minimized if one of
the two reacting species (in this case, HOCl) is allowed to undergo reaction with another species
that reacts with it more rapidly than ammonia. A chemical species that potentially can be used
for this purpose is cyanide (CN-). According to Schurter et al., the reaction between cyanide ion
and free chlorine is an overall second order reaction16. The reaction is shown below:
𝐻𝑂𝐶𝑙 + 𝐶𝑁 − → 𝑂𝐻 − + 𝐶𝑙𝐶𝑁

(1.8)

where k = 1.22 × 109 M-1 s-1. Compared to the reaction of HOCl with NH3 (k = 4.2 × 106 M-1 s1 8

) , or the reaction of HOCl with NH2Cl (k = 2.78 × 10-2 M-1 s-1)17 , the reaction between CN- and

HOCl will occur at a much faster rate if sufficient CN- is present in solution at a typical ammonia
concentration of 0.01-0.04 mM. In other words, by consuming the HOCl through the reaction
with CN-, the reverse reaction between HOCl and NH2Cl will be minimized, and also the
formation of dichloramine (NHCl2) through the reaction of HOCl with NH2Cl will be avoided.
1.6

Chlorine Detection Methods
Because chlorine is one of the most widely used chemical disinfectants, the quantification

of total residual chlorine and chlorine species is routinely performed. In drinking water
treatment, an accurate determination of chlorine in water is essential to ensure that an adequate,
but not excessive, amount of chlorine is present in the water. A number or methods for
quantifying chlorine in water have been developed and further studied, with each method having
specific advantages and/or disadvantages. Some methods are quite simple; such as simple
colorimetric and titrimetric methods18, 19, whereas other methods require more advanced and
more expensive instruments, such as methods that use chromatography20, 21.

8
Determination of chlorine by using a reduced compound that undergoes oxidation upon
its reaction with chlorine species, and where either the parent compound or its oxidation product
absorbs visible light, leading to easy colorimetric detention, are among the most popular
methods. Even if the compound does not directly react with any of the chlorine species, if it
reactions with another oxidized species, such as I2, that can be generated from oxidation of I- by
chlorine species, detection can still occur. Some compounds that have been studied as reagents
included: Acid Yellow 1720, p-aminodimethylaniline22, methyl orange23, 24, and syringaldazine25.
The most common method currently used to measure free chlorine, and combined
chlorine species is the DPD (N,N-diethyl-p-phenylenediamine) method. This method was first
proposed by Palin, and is one of the methods recommended by the U.S. EPA for routine analysis
of chlorine species in water18. In the DPD method, the reduced form of DPD is oxidized to a red
colored produce. The analysis can be accomplished either through colorimetric means or by
titration, since the oxidation of DPD is a reversible reaction. Even though it is widely used and
can provide data on speciation, the method is not without its flaws. The solid chemical reagent
(the reduced form) is slowly oxidized by air, and after making a stock reagent solution, the stock
solution also is unstable (oxidizes) over a few days in the presence of molecular oxygen.
To date, there has not been a comprehensive review of the many methods for chlorine
analysis. Some studies have compared different methods, but these comparisons have been
narrow in scope26, 27. Therefore, one of the outcomes of this research effort is to have a more
comprehensive review of the different methods by which chlorine can be measured. This review
is expected to shed light on the most appropriate, robust, and economical method that can be
used in developing countries after point-of-use drinking water treatment in homes, schools, or
small villages.
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1.7

Thesis Overview
The goal of this dissertation is to re-evaluate the disproportionation and hydrolysis

reactions as two of the most important reactions where monochloramine is involved. In light of
this goal, the experiments were performed where the disproportionation reaction was observed in
solutions containing different species of buffers, to investigate the catalytic effect of acids and
bases on the reaction. With respect to the hydrolysis reaction, experiments were conducted in
which cyanide was added to solutions of monochloramine at high pH, so the hydrolysis reaction
could be isolated and measured directly with minimum interferences from other reactions.
Chapter 2 evaluates how the presence of buffers affect the reaction rate of
monochloramine disproportionation. Experiments discussed in this chapter were conducted in
carbonate, acetate, and phosphate buffers. From the results of these experiments, a new possible
mechanism of how buffers catalyze the disproportionation reaction is presented. Based on the
observed reaction rates that were obtained when the experiments were conducted in carbonate
buffers, the specific rate constants for proton, kH+, was calculated. The results from the
experiments performed in acetate and phosphate buffers were analyzed to examine how the
buffers were involved in the disproportionation reaction. These results give new insight
regarding the mechanism of monochloramine disproportionation.
Chapter 3 focuses on the hydrolysis reaction of monochloramine. In this research,
cyanide was added to the system to quench one of the reaction products (HOCl) to minimize the
major interference from other reactions, which in this case is the back reaction in which free
chlorine and ammonia reacts to reform monochloramine. Based on the result of the experiments,
a more accurate value for the rate constant for the hydrolysis reaction, khyd, was calculated and
proposed in this chapter. The effect of temperature on the hydrolysis reaction also was
investigated by conducting the experiments at various temperatures.
Chapter 4 presents the review of numerous chlorine detection methods. The review starts
by examining the DPD method as the most common method for chlorine analysis, which consists
of both a colorimetric and a titrimetric method. After the DPD method is discussed, other
colorimetric methods are reviewed. Chemiluminescence and fluorescence methods, as extensions
of conventional colorimetric methods, are reviewed also. The chapter continues by reviewing
other methods that are also commonly used for detecting chlorine in water, including
instrumental methods and electroanalytical methods.
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CHAPTER 2. MONOCHLORAMINE DISPROPORTIONATION

2.1

Introduction
The disproportionation of monochloramine is the reaction in which one monochloramine

molecule reacts with another, producing dichloramine and ammonia. Based on initial work
performed by Granstrom using an acetate-acetic acid buffer system, the basic prevailing
assumption regarding this reaction is that it is a general acid catalyzed reaction9. A later study
conducted by Valentine and Jafvert 11 investigated the reaction at low pH in phosphate and
sulfate buffered solutions. Their experimental results showed that an increase in H+, H3PO4 (and
H2PO4-) or HSO4- concentrations resulted in an increase in the overall reaction rate. Based on
these results, and those previously published by Granstrom9, Valentine and Jafvert proposed that
the disproportionation of monochloramine occurs by a general acid catalyzed reaction pathway,
𝐻𝐴

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻3 + 𝑁𝐻𝐶𝑙2

(2.1)

where the rate constant can be written as,
𝑟𝑑𝑖𝑠𝑝 =

𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘𝑜𝑏𝑠 [𝑁𝐻2 𝐶𝑙]2

(2.2)

and where the value of kdisp is equal to 𝑘𝑜𝑏𝑠 = ∑ 𝑘𝑖 [𝐻𝐴𝑖 ] where HAi is the ith acid species in
solution.
Based on the experimental results with phosphate and sulfate buffers, Valentine and
Jafvert proposed that carbonate and bicarbonate ions also could increase the rate of
monochloramine disproportionation.11 By regressing the measured rate constant values against
the acid dissociation constants for each respective acid species (on a log-log linear free energy
relationship [LFER] or Brønsted plot) , they estimated rate constant values for carbonate and
bicarbonate at kH2CO3 = 2.7 × 103 M-2 h-1 and kHCO3- = 7.2 M-2 h-1, respectively. However, they
incorrectly used a pKa value for H2CO3 equal to 6.3, rather than 3.5, giving a misleading rate
constant value for carbonic acid.
Vikesland et al.28 performed similar experiments on monochloramine decay using
carbonate buffers, but at much higher pH values (6 to 7), where hydrolysis of monochloramine is
important also, and where monochloramine decays over a period of days rather than minutes (as
occurred in Valentine and Jafvert’s experiments at pH values of 3 to 4). Vikesland et al.. also
assumed that the reaction occurs through a general acid catalyzed pathway, in which carbonate
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species (H2CO3 and HCO3-) have the capacity to enhance the reaction rate. However, to
adequately predict their data, they proposed much higher rate constants for carbonic acid
(H2CO3) at kH2CO3 = 40,000 M-2 h-1 and bicarbonate (HCO3-) at kHCO3- = 800 M-2 h-1, than
estimated through the LFER developed by Valentine and Jafvert.3 Again, the equilibrium
between CO2 and H2CO3 was not correctly considered in the analysis, as they used the
commonly reported pKa value (= 6.3) of the hypothetical species H2CO3* (≈ CO2) to calculate
the H2CO3 concentration in solution. While use of the incorrect pKa value leads to an
overestimation in the concentration of the carbonic acid by a factor of 102.8, this is offset by the
difference in the real (3.5) verses hypothetical (6.3) pKa values by this same difference, and
mathematically (albeit technically incorrect) would be offset completely if the slope of the LFER
was 1 (the actual slope is approximately 0.65). In any case, the values for H2CO3 and HCO3determined by Vikesland et al.. are over two orders of magnitude higher than those estimated by
the correct interpretation of the LFER developed previously by Jafvert and Valentine.11
Parallel studies by Antelo et al.14 and Calvo et al.15 have examined the disproportionation
reaction of the organo-chloramine compound, N-chlorotaurine (TauNH2Cl). Antelo et al.14
investigated the mechanism of TauNH2Cl disproportionation in methoxyacetic acid –
methoxyacetate buffered aqueous solutions. Plotting the third order rate constant of TauNH2Cl
disproportionation (where the reaction rate law was defined in terms of [H+][TauNH2Cl]2 (i.e.,
specific acid catalysis) against the fraction of buffer in its base form, resulted in a straight line
function. They hypothesized that the pH-dependence was due to the reaction mechanism
involving chlorine transfer between the protonated and neutral forms of N-chlorotaurine, with the
general base enhancing the reaction by abstracting a proton from the N-chlorotaurine that was
accepting the chlorine. In a mechanism that they proposed, the disproportionation reaction of Nchlorotaurine involved the formation of an intermediate which is shown in Scheme 2.114.

Scheme 2.1. The intermediate being formed in the disproportionation of N-chlorotaurine
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Indeed, because the rate can be measured at pH values around the pKa of TauNH3Cl+,
they determined that the reaction was first order in TauNH2Cl, first order in TauNH3Cl+ and first
order in general base. A further research was performed by Calvo et al.15 who studied the
reaction between N-chlorotaurine with a number of nucleophiles, and who further confirmed the
reaction occurs between TauNH2Cl, its protonated form, TauNH3Cl+, and any general base,
making the overall reaction in terms of total TauNH2Cl (at pH values greater than the pKa value),
essentially a specific acid ([H+]), general base catalyzed reaction.
For monochloramine disproportionation, the reaction is very rapid as the pH is lowered to
values near the pKa ( ≈ 1.45), making it difficult to determine the rate law explicitly from pH
data in one buffer system alone. To show this, the difference between a specific acid, general
base catalysed mechanism and a general acid catalysed mechanism can be evaluated
mathematically. For the latter case, consider a species HB, where HB is a general acid that
catalyses the disproportionation reaction. The mathematical expression for the reaction rate can
be written as:
𝑟𝑑𝑖𝑠𝑝 =

𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘𝐻𝐵 [𝑁𝐻2 𝐶𝑙]2 [𝐻𝐵]

(2.3)

HB may dissociate to form B- and H+, with an acid dissociation constant, Ka,HB. Substituting for
HB results in:
𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘𝐻𝐵 [𝑁𝐻2 𝐶𝑙]2

[𝐻 + ][𝐵− ]

(2.4)

𝐾𝑎,𝐻𝐵

Similarly, NH3Cl+ may dissociate to form NH2Cl and H+, with an acid dissociation constant of
Ka,NH3Cl+ = 0.0357. Replacing one of the monochloramine concentrations with
Ka,NH2Cl·[NH3Cl+]/[H+] results in,
𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

=

−2𝑘𝐻𝐵 𝐾𝑁𝐻3𝐶𝑙+
𝐾𝑎,𝐻𝐵

[𝑁𝐻3 𝐶𝑙 + ][𝑁𝐻2 𝐶𝑙][𝐵− ]

Collecting the rate constant and equilibrium constants into one term, k′ =

(2.5)
𝑘𝐻𝐵 𝑘𝑁𝐻3𝐶𝑙+
𝐾𝑎,𝐻𝐵

, the rate

law can be defined as a base catalysed reaction between the protonated and neutral forms of
monochloramine (i.e., specific acid, base catalysed reaction at pH values greater than 1 unit
above the pKa),
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘′[𝑁𝐻3 𝐶𝑙 + ][𝑁𝐻2 𝐶𝑙][𝐵− ]

(2.6)
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Because eq 2.6 can be derived from eq 2.3, both the general acid and specific acid-general base
mechanisms are mathematically equivalent for any given simple monoprotic buffer system if the
experimental pH is a log or more about the pKa value of monochloramine.
To examine this equivalence further, in the case of the general acid catalyzed mechanism,
in the presence of a simple (monoprotic) buffer, a reaction involving catalysis by protons (as one
of the general acids) will occur also,
𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘𝐻 [𝐻 + ][𝑁𝐻2 𝐶𝑙]2 − 2𝑘𝐻𝐵 [𝐻𝐵][𝑁𝐻2 𝐶𝑙]2

(2.7)

In the case of the specific acid, general base catalysed mechanism, in the presence of a
(monoprotic) buffer, the reaction also may proceed in the absence of the buffer,
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= − 2𝑘′′[𝑁𝐻3 𝐶𝑙 + ][𝑁𝐻2 𝐶𝑙] − 2𝑘′[𝑁𝐻3 𝐶𝑙 + ][𝑁𝐻2 𝐶𝑙][𝐵− ]

(2.8)

The equivalence of these rate laws (eqs 2.7 and 2.8) for the case where the pKa of
monochloramine10, is ≈ 1.45) is informed by inspection of a pC-pH diagram that shows the
speciation of monochloramine and a simple monoprotic buffer (HB ↔ H+ + B-) with pKa = 2.1
(i.e., H3PO4, HSO4-) . Because the monochloramine disproportionation reaction can be isolated
from other speciation reactions at pH values between 3 and 4, where the reaction occurs within
minutes, it is within this pH range where eqs 2.7 and 2.8 can be evaluated. Figure 1a shows that
from pH 3 to 4, both catalysis, H+ and HB, decrease with increasing pH (eq 2.7); whereas
NH3Cl+ also decreases with increasing pH, while B- stays constant (eq 2.8). Hence, for this
buffer (pKa = 2.1), no distinction between these mechanisms can be made. However, in an
acetate, acetic acid (A-, HAc) buffer with pKa = 4.6, Figure 2.1b indicates that these two
mechanism should not provide the same result. In eq 2.7, as H+ decreases with increasing pH,
HAc stays constant; whereas, in eq 2.8, as NH3Cl+ decreases with increasing pH, Ac- increases
with pH.
Carbonate buffered systems are particularly unique due to the rapid (i.e., seconds)
equilibrium between aqueous CO2 and H2CO3, where pKm = 2.8,
𝐾𝑚

𝐶𝑂2 + 𝐻2 𝑂 ↔

𝐻2 𝐶𝑂3

(2.9)

where the carbonic acid may dissociate to form bicarbonate, with a pKa = 3.5,
𝐾𝑎

𝐻2 𝐶𝑂3 ↔

𝐻 + + 𝐻𝐶𝑂3−

(2.10)
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resulting in the speciation diagram shown in Figure 2.1c. In general, the ratio of H2CO3 to
dissolved CO2 is very low, at a ratio of about 1 to 625. Although the actual pKa of the buffer is
3.5, the trends in speciation as a function of pH between 3 to 4 are identical to those in the acetateacetic acid buffer system, due to the additional speciation that occurs because of this hydrolysis
reaction.
(a)

(b)

(c)

Figure 2.1 pC-pH diagrams of monochloramine (CT = 1 mM; pKa = 1.45) in (a) a simple buffer (CT =
50 mM; pKa = 2.1), (b) acetate buffer (CT = 50 mM; pKa = 4.6), and (c) carbonate buffer
(CT = 50 mM; pKa1 = 3.5; pKa,2 = 10.3; and the equilibrium constant for CO2 hydrolysis,
forming H2CO3, equal to pKm = 2.8)

The notable difference for the carbonate buffer system compared to the acetate buffer
system is that for the same total concentration of buffer, the pH-independent concentration of the
acid form of the buffer (i.e., H2CO3) over this pH range is approximately three orders-of-
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magnitude less. As a result, any general acid catalysis (eq 2.7) by carbonates may be expected to
be negligible, based on Brønsted plot analysis of rate constants.
As a result of the reported inconsistencies in rate constants for these reactions, and
because it appears that distinction between mechanisms (i.e., eqs 2.7 and 2.8) can be deciphered
through evaluating data collected using different buffers, we report on measured rates of
monochloramine disproportionation in carbonate, acetate, and phosphate buffers. Complete
derivations of the reaction rate equations based on both pathways are provided in Appendix A of
this thesis.
2.2

Methods and Materials
Reagents. All chemicals were reagent-grade from commercial sources (Sigma-Aldrich)

and used as received, and the water to prepare all solutions was purified with a Barnstead
Nanopure ultrapure water system after pretreatment by R/O. Hypochlorite stock solutions were
prepared by diluting 5.25% sodium hypochlorite with the water. Sodium acetate, KH2PO4, and
NaClO4 stock solutions were prepared by dissolving each respective salt in water. H3PO4 and
CH3COOH stock solutions were prepared by diluting each respective concentrated acid.
Anhydrous N,N-diethyl-p-phenylenediamine (DPD) sulfate salt was dissolved in water that
contained H2SO4 and Na2EDTA to prepare the DPD reagent necessary for chlorine titration,
according to the procedure in Standard Methods29. According to this same procedure, ferrous
ammonium sulfate (FAS) titrant was prepared by dissolving Fe(NH4)2(SO4)2.6H2O in water, and
used on the same day of preparation29.
Stock Solutions. Aqueous monochloramine was prepared by dropwise addition of the
hypochlorite stock solution into aqueous ammonium chloride at pH 9 with continuous rapid
mixing. The molar ratio of NH3,total to HOCltotal was 1 to 3. The pH of the solution (≥ 9) was
adjusted by adding sodium hydroxide. After addition of NaOCl was complete, the
monochloramine solution was capped and kept in the dark overnight before used. Prior to each
experiment, the concentration of NH2Cl in the stock solution was determined by measuring the
light absorbance of the solution at 245 nm where NH2Cl has a absorbance maxima (molar
absorptivity of ε = 444 M-1 cm-1)30. This result was compared to the value obtained by DPD
titration of a diluted solution.
Phosphate buffer solutions were prepared by mixing the appropriate amount of H3PO4
and KH2PO4 to have the intended total buffer concentration and pH. The total phosphate buffer
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concentrations were 50, 75, 100 and 150 mM. The ionic strength was maintained at 0.1 M (for a
buffer concentration of 50 and 75 mM) and 0.2 M (for a buffer concentration of 100 and 150
mM) by adding NaCl into the solution. Acetate buffer solutions were prepared by mixing an
appropriate amount of acetic acid and sodium acetate to have the intended total buffer
concentration. Hydrochloric acid was added into the buffer to adjust the pH. To maintain the
ionic strength of the solution at 0.2 M, NaCl was added into the solution. The total acetate buffer
concentrations were 50, 100, 150 and 200 mM. Carbonate buffer solutions were prepared daily
shortly before the experiments were conducted. The buffer was made by dissolving sodium
bicarbonate in the appropriate amount to have the total buffer concentration intended. The pH of
the solutions was adjusted to the desired pH by dropwise addition of HCl. In all cases, buffer
solutions were prepared at twice the concentration and ionic strength reported, due to the 1:1
dilution (with monochloramine) that occurred when initiating all kinetic experiments.
Kinetic Experiments. All kinetic experiments are performed with a custom-built
stopped-flow apparatus with an attached 2-cm quartz flow-through cell (Sterna Cells, Inc., 585.3Q-20/Z15, 0.07 mL volume) placed in a Thermo Scientific Evolution 200 UV-visible
spectrophotometer. In a tee connector, the stopped-flow apparatus mixed equal volumes of
buffer (at low pH) and monochloramine solution (at pH > 7.5) dispensed from two 5-mL glass
syringes through PTFE tubing (1/16” ID, 1/8” OD). The tee connector was located a short
distance from the flow-through cell. Between syringe dispenses, the syringes could be filled
from reservoirs containing monochloramine and buffer. During each kinetic experiment, equal
volumes (approximately 4 mL) was dispensed from each syringe at a constant rate over a period
of about 2 seconds, with the termination of flow indicating time zero for the experiment. The
spectrophotometer recorded absorbance at 245 nm over time. Each new experiment resulted in
purging the reaction solution completely from the flow-through cell. After the first flush, the pH
of the excess solution leaving the flow-through cell was measured. As a control, for each
experiment, equal volumes of buffer solution and monochloramine were mixed outside of the
apparatus, and the pH of the mixture was measured.
To confirm the reaction mass balance, some experiments were duplicated, recording the
absorbance at 295 nm, where dichloramine has an absorbance maxima. At wavelengths of 245
and 295 nm, the only 2 species in solution that absorb light were NH2Cl and NHCl2. The molar
absorptivities of NH2Cl and NHCl2 are provided in Table 2.1.
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Table 2.1
Species

Molar absorptivities (ε) of NH2Cl and NHCl2
ε (M-1 cm-1)
λ = 245 nm
λ = 295 nm

NH2Cl

444

14

NHCl2

208

267

Given the 2 to 1 stoichiometry of reactant (NH2Cl) to product (NHCl2) shown in eq 2.1,
and the rate law given by eq 2.2 at constant pH and buffer concentration, the Beer-Lambert law
for each species can be combined with the pseudo-second order rate expression to derive an
equation that relates the measured sample absorbance (A) with reaction time (t), as a function of
constant coefficients,
`𝐶𝑇 ∙𝑙
2𝜀 −𝜀𝐷
) [(𝐶 ∙𝑘𝑀 ∙𝑡)+1
+ 𝜀𝐷 ]
2
𝑇 𝑜𝑏𝑠

𝐴=(

(2.11)

where CT is the total chlorine concentration, εM and εD are the molar absorptivities of monochloramine
and dichloramine, respectively, and kobs is the observed pseudo-second order rate constant. The complete
derivation of eq 2.11 is presented Appendix A of this thesis. The value of the observed pseudo-second
order rate constant (kobs) for each kinetic experiment was calculate by minimizing the sum of the squared
residuals between calculate (with eq 2.11) and measure absorbance values by adjusting the value of kobs.

2.3

Results and Discussion
Monochloramine Disproportionation. Sample absorbance data are shown in Figure 2.2a

for a mixture of monochloramine in 150 mM phosphate buffer at pH 3.02. In this experiment,
the loss of monochloramine and formation dichloramine were monitored through the change in
absorbance at λ = 245 nm where monochloramine has an absorbance maxima, and where the
absorbance of dichloramine is quite low. Absorbance data were collected at 2.4 second intervals,
with absorbance decreasing over time, indicating loss of monochloramine. Figure 2.2a also
indicates that the absorbance at 295 nm increased with time, indicating the formation of
dichloramine. To confirm that the loss of NH2Cl was solely due to the formation of NHCl2, the
concentrations of NH2Cl, NHCl2 and total chlorine (NH2Cl + 2 NHCl2) were calculated based on
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the absorbances at 245 and 295 nm. These data, along with the calculated concentrations of
NH2Cl and NHCl2 are provided on Figure 2.2b. Although all observed rate constants were
calculated directly from the experimental absorbance values as described above, the data can be
transformed to give the traditional regression of 1/[NH2Cl] versus time as shown in Figure 2.2c.
0.5
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(b)
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Figure 2.2 (a) Absorbances at 245 nm and 295 nm as a function of time, (b) calculated concentrations of
NH2Cl, NHCl2 and total Cl2 as a function of time for the same data, and (c) regression of
1/[NH2Cl] as a function of time (in molar units), indicating the reaction is pseudo-second
order.
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Carbonates. As shown on Figure 2.3a, the rate of monochloramine disproportionation
between pH 2.4 and 4 is not dependent upon the concentration of carbonate species at carbonate
concentrations ranging from 100 to 200 mM. As indicated by Figure 2.1b, over this pH range, the
dominate carbonate species in solution is CO2, and this species does not act directly as either an
acid or a base in solution, and therefore cannot abstract a proton from or donate a proton to the
reaction transition state intermediate. Under these conditions, the observed rate constant, kobs, was
only dependent upon the hydrogen ion concentration, as shown by the straight-line relationship
between log kobs versus pH given in Figure 2.3b. Thus, under the experimental conditions, the
contribution of carbonate species to the overall reaction rate constant was negligible, and the
observed rate constant (kobs) equals the hydrogen ion specific term in eq 2.12,
𝑘𝑜𝑏𝑠 = 𝑘𝐻+ [𝐻 + ] + 𝑘𝐻2 𝐶𝑂3 [𝐻2 𝐶𝑂3 ] + 𝑘𝐻𝐶𝑂3− [𝐻𝐶𝑂3− ]

(2.12)

From the slope of the line in Figure 2.3b the value of 𝑘𝐻 + was calculated to be 3.81 × 105
M-1 min-1, which is the same value as reported by Jafvert and Valentine on a hydrogen ion
concentration basis30.
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(a) The observed second-order rate constant (kobs) of monochloramine disproportionation in
carbonate buffer as a function of pH, and (b) the regression of log kobs values versus pH
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Vikesland et al.28 have studied the effect of carbonate buffers on the rate of
monochloramine decay in the pH range 6.6 to 8.3. They reported that the values of the specific
rate constants for carbonic acid and bicarbonate ion (eq 2.12) are 6.67  102 M-2 min-1 and 13.33
M-2 min-1, respectively. Note, the value for carbonic acid (H2CO3) was calculated incorrectly,
assuming all aqueous CO2 was H2CO3 with a pKa value of 6.3. However, the data do suggest
that carbonate species within this pH range do have some small catalytic effect on the
disproportionation rate, with bicarbonate being the likely species responsible for this effect, since
the concentration of H2CO3 is always low.
Acetate. Experiments were performed in acetic acid, acetate buffer at constant pH values
from pH values of 3.6 to 4.7. The measured second-order rate constants, kobs, for all the data are
graphed in Figure 2.4a as a function of experimental measured pH. In Figure 2.4b, the values are
plotted on a log scale (i.e., log kobs vs pH) to indicate the near constant slope (≈ 1) at each total
acetate concentration. The thick solid line in each figure indicates the line for the pH dependent
rate constant in the absence of buffer (i.e., 𝑘𝑜𝑏𝑠 = 𝑘𝐻 + [𝐻 + ], were 𝑘𝐻 + = 3.81  105 M-1 min-1,
calculated by Jafvert and Valentine30 and also calculated from the data reported in Figure 2.3. It
is evident that the presence of acetate-acetic acid enhances the overall reaction rate. Because the
slope of the data points for each buffer concentration on Figure 2.4b is approximately 1, the data
are not consistent with a general acid catalyzed reaction mechanism. Specifically, if the rate law
obeyed a general acid catalyzed mechanism, reaction terms for both H+ and acetic acid (HAc),
and only these two species, would define the observed rate constant:
𝑘𝑜𝑏𝑠 = 𝑘𝐻 + [𝐻 + ] + 𝑘𝐻𝑎𝑐 ′[𝐻𝐴𝑐]

(2.13)

Referring back to Figure 2.1c, within the pH range where these experiments was
conducted (i.e., pH 3.6 to 4.5), the concentration of HAc is nearly constant (at constant total
buffer concentration) over this pH range, suggesting the second term on the right-hand side of eq
2.13 is constant, at constant total buffer. Hence, plotted log kobs versus pH, the data at each
constant total buffer concentration should have a slope greater than -1, and converge at low pH
where the first term in eq 2.13 is most significant. However, as shown on Figure 2.4b, this is not
the case. The experimental results indicate that the log of the reaction rate constant increased
proportionally and equally at each pH value as a function of the total concentration of the buffer.
The result is that the rate enhancement is not dependent on the concentration of the acidic form
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nor the basic form of the buffer, but on the total concentration of the buffer, as described by eq
2.14:
𝑘𝑜𝑏𝑠 = 𝑘𝐻+ [𝐻 + ] + 𝑘𝑎𝑐𝑒𝑡𝑎𝑡𝑒 [𝐻 + ][𝐴𝑐𝑒𝑡𝑎𝑡𝑒] 𝑇𝑜𝑡

(2.14)

Based on this rate expression, the rate constant for total acetate concentration (kacetate)
was determined from the experimental data by minimizing the sum of squared errors between
measure kobs values and calculated kobs values by adjusting the value of kacetate over all pH and
total buffer concentration experiments. From all the data, the specific rate constants for acetate
buffer (kacetate) was found to be 0.99  107 M-1 min-1. This value cannot be compared directly to
the value reported by Granstrom9, as he assumed the rate law agreed with the definition of kobs as
defined by eq 2.13 (i.e., general acid catalysis), from which he calculated kHac equal to 117.6 M-2
min-1, considering catalysis only by the acid form. Further, it should be noted that Granstrom’s
experiments were performed at much higher pH values (4.6 to 5.2), where hydrolysis of
monochloramine also occurs, which he accounted for by inclusion of a term that was first-order
in NH2Cl concentration.
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(b)
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Observed rate constants (kobs) of monochloramine disproportionation in acetate buffer (a)
and (b) plot of log kobs vs pH
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Phosphate Buffer. To study the effect of phosphate concentration on the reaction rate,
experiments ware performed as a function of pH and total phosphate concentration. Figure 2.5a
shows all the observed rate constants from pH = 2.14 to 3.45 at phosphate concentrations from
50 to 150 mM. Figure 2.5b shows these data regressed on a log kobs verses pH (i.e., log-log) plot,
indicating that the data is somewhat consistent with increasing rate (i.e., increasing intercept) as
a function of increasing phosphate concentration. Recall that as the pH is lowered from 3. 45 to
2.14, most of the phosphate remains in solution as H2PO4-, with H3PO4 increasing with
decreasing pH. Hence, the data are consistent with either a general acid (i.e., H+ and H3PO4)
catalyzed mechanism, or a specific acid (H+) catalyzed mechanism in which the total buffer
concentration enhances the overall rate, consistent with eq 2.15 for ortho-phosphate, and
consistent with eq 2.14, which was found to be the case for acetate:
𝑘𝑜𝑏𝑠 = 𝑘𝐻+ [𝐻 + ] + 𝑘𝑝ℎ𝑜𝑠 [𝐻 + ][𝑃ℎ𝑜𝑠𝑝𝑎𝑡𝑒] 𝑇𝑜𝑡

(2.15)

Based on eq 2.15, the specific rate constants for total phosphate (kphos) was determined from all
the observed rate constant data reported in Figure 2.5a, in the same manner as for kHac, and found
to be kphos = 4.96  106 M-1 min-1.
(a)
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Figure 2.5 (a) Observed rate constants (kobs) of monochloramine disproportionation in phosphate buffer,
and (b) log kobs for monochloramine disproportionation

The second-order kobs values reported by Jafvert and Valentine11 for phosphate and
sulfate buffered experiments are plotted in Figure 2.6. Again, the rate constant for total
phosphate concentration (kphos) and for total sulfate (ksulf),
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𝑘𝑜𝑏𝑠 = 𝑘𝐻+ [𝐻 + ] + 𝑘𝑠𝑢𝑙𝑓 [𝐻+ ][𝑆𝑢𝑙𝑓𝑎𝑡𝑒] 𝑇𝑜𝑡

(2.16)

were determined from the experimental data by minimizing the sum of squared errors between
measure kobs values and calculated kobs values by adjusting the value of either kphos or ksulf over all
pH and total buffer concentration experiments for each respective buffer system, using the
previously calculated value of 𝑘𝐻 + (= 3.81  105 M-1 min-1). The specific rate constants for
phosphate and sulfate for these data were kphos = 1.53  107 M-1 min-1 and ksulf = 2.45  107 M-1
min-1. From these rate constants, the predicted buffer and pH dependencies are shown as lines
on Figure 2.6.
4.0

200 mM phosphate
100 mM phosphate
50 mM sulfate
proton dependency

log kobs

3.5

3.0

2.5

2.0
2.5

3.0

3.5
pH

4.0

4.5

Figure 2.6 Data from Jafvert and Valentine11 evaluated with eqs 2.15 and 2.16

Figure 2.7a shows the experimentally determined pseudo-second order rate constants
(kobs) for the three buffers for which data are available at buffer concentrations of 100 mM.
From the figure, it is clear that at this concentration, both acetate and phosphate enhanced the
overall reaction rate, whereas carbonate does not over this particular range in pH values. The
increase in the observed reaction rate constants caused by these two buffers were only slightly
different. From Figure 2.7b, it is evident that both acetate and phosphate agree with the
calculated rate constants (i.e., the lines), calculated from the data at all concentrations and pH
values.
Table 2.2 provides a summary of the calculated values of each specific rate constant
determined in this study, whether from data reported in this study, or from previously reported
data evaluated in this study.
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Table 2.2 Specific rate constants for different buffers, assuming the reaction is second order in NH2Cl,
first order in H+, and catalyzed by total buffer concentration
Rate Constants (M-1 min-1)

Buffer

kphos = 4.96  106

This work, and data from Jafvert and
Valentine30
This work

kphos = 1.53  107

Data from Jafvert and Valentine30

Sulfate

ksulfate = 2.45  107

Data from Jafvert and Valentine30

Acetate

kacetate = 0.99  107

This work

Carbonate

No rate enhancement

This work

kH+ = 3.81  105

Proton
Phosphate

(a) 6000

(b)

5000

log kobs log (M-1 min-1)

100 mM phosphate
100 mM acetate

4000

kobs (M-1min-1)

Notes
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proton dependency
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Figure 2.7 Observed rate constants (kobs) for monochloramine disproportionation in 100 mM carbonate,
phosphate and acetate buffer (a), and the log kobs values for each buffer (b)

The result of this study suggest that the reaction rate is dependent on the total
concentration of the buffer, rather than that of either the acid or base species, however the slope
of the data (≈ - 1), when plotted as log kobs versus pH suggest the overall rate constant is first
order in protons. As suggested by Scheme 1, it is very likely that the reaction involves direct
reaction between NH3Cl+ and NH2Cl, with the rate of this reaction being enhanced both by
general acids and general bases, resulting in the following observed rate law:
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𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= 𝑘[𝑁𝐻3 𝐶𝑙+ ][𝑁𝐻2 𝐶𝑙] + ∑ 𝑘𝑏𝑢𝑓,𝑖 [𝑁𝐻3 𝐶𝑙 + ][𝑁𝐻2 𝐶𝑙][𝐵𝑢𝑓]𝑖

(2.17)

This result implies that the catalytic effect of the buffers is rather complex, and that more
than one elementary reaction pathway occurs. For example, it is likely that the acidic form of
buffers can catalyze the initial protonation of monochloramine and thus, enhance the overall
reaction rate. In basic form, the buffer likely facilitates the transfer of chlorine from the
protonated monochloramine to the neutral monochloramine, as suggested in Scheme 2.1. The
notion that the reaction proceeds through a mechanism involving one protonated
monochloramine molecule and one unprotonated monochloramine molecule was first suggested
by Gray et al.31. In their study, they estimated the value of the pKa of NH3Cl+ to be 1.45, and
based on that pKa, they calculated a value of 0.58 × 107 M-1 min-1 for the rate constant of the
monochloramine disproportionation reaction. The protonation constant that they proposed for
monochloramine is consistent with that proposed by Trogolo and Arey32 of 1.08 based on a
computational calculation using a quantum chemical LFER.
The experimental result that the observed reaction rate is dependent to the total buffer
concentration also is consistent with the rate law proposed by Inman and Johnson33 for the
disproportionation of monobromamine in phosphate buffers. In their study, they observed the
rate of disproportionation of NH2Br was consistent with the reaction occurring between NH3Br+
and NH2Br, and catalyzed by the total phosphate buffer, consistent with eq 2.17 for the
monochloramine case.
2.4

Conclusion
In a carbonate buffer where the pH is relatively low (pH 2.5 – 4), the observed rate

constant, (kobs) of monochloramine disproportionation was only dependent upon the hydrogen ion
concentration. This was because within that pH range, the equilibrium between the carbonate speci es and

dissolved carbon dioxide has made the concentration of carbonate species in the system is
practically negligible. Hence, in these system, the specific rate constant for proton (kH+) can be
calculated. Based on the result of the experiments, the obtained value was kH+ = 3.81 × 105 M-1
min-1. This value comes in a very good agreement with what has been reported by Jafvert and

Valentine in their previous study30. When the experiments were conducted in acetate and
phosphate buffer, the reaction rate increased, which suggested that the presence of buffer
enhanced the reaction rate. Data analysis implied that the rate enhancement was dependent on
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the concentration of the buffer instead of the concentration of the buffer in its acidic or base
form. Based on this result, the disproportionation reaction might not go through the general acid
catalyzed pathway, as what has been proposed before by other studies9, 11, 28
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CHAPTER 3. MONOCHLORAMINE HYDROLYSIS

3.1

Introduction
To date, isolation and direct measurement of the rate constant for the hydrolysis reaction

has not been reported. This likely stems from an inability to isolate the reaction by simple
changes in experimental conditions, such as pH or ammonia concentration. To have a more
accurate estimate of the kinetic constant for monochloramine hydrolysis, it is necessary to study
the reaction under conditions in which the hydrolysis reaction is the most dominant
monochloramine decay reaction occurring in the system, and under conditions in which
interferences of other reactions (especially the reverse reaction involving HOCl and NH3) are
minimized. Because the disproportionation reaction is acid catalyzed, one way to ensure that
interferences from this reaction are minimizes is to study the reaction at higher pH values.
However, the reverse reaction between monochloramine and free chlorine is very rapid, even at
high pH. Yet, this reaction can be minimized if one of the two reacting species (in this case
HOCl) is allowed to undergo reaction with another species that reacts with it more rapidly than
ammonia.
A chemical species that potentially can be used for this purpose is cyanide (CN-).
According to Schurter 16 , the reaction between cyanide ion and free chlorine is an overall second
order reaction, with a rate constant of k = 1.22 × 109 𝑀−1 𝑠 −1 at T = 25°C:
𝐻𝑂𝐶𝑙 + 𝐶𝑁 − → 𝑂𝐻 − + 𝐶𝑙𝐶𝑁

(3.1)

Compared to the reaction of HOCl with NH3 (k = 4.2 x 106 M-1 s-1) 8
𝐻𝑂𝐶𝑙 + 𝑁𝐻3 → 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

(3.2)

or the reaction of HOCl with NH2Cl (k = 2.78 x 102 M-1 s-1)17,
𝐻𝑂𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

(3.3)

the reaction between CN- and HOCl will occur at a much faster rate if sufficient CN- is present in
solution at a typical ammonia concentration of 0.01 - 0.04 mM total NH3. In other words, by
consuming the HOCl through the reaction with CN-, the reverse reaction between HOCl and
NH2Cl can be minimized, and also the formation of dichloramine (NHCl2) through the reaction
of HOCl with NH2Cl will be avoided.

28
An aqueous solution containing predominantly monochloramine can be very complex
chemically, as once it forms, monochloramine can undergo a number of reactions. Some of these
reactions are quite slow, whereas others are quite rapid. The major reactions involving
monochloramine in an ammonia containing solution are presented in Figure 1, including
reactions involving cyanide and hydroxide ion (which are typically not significant under drinking
water conditions).

𝐻2 𝑂
𝑁𝐻3 + 𝐻𝑂𝐶𝑙

𝑁𝐻2 𝐶𝑙

𝐻2 𝑂

+ 𝑂𝐻 −

𝑁𝐻2 𝑂𝐻 + 𝐶𝑙 −

+𝐻𝑂𝐶𝑙

𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂

+ 𝑁𝐻2 𝐶𝑙

𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

Disproportionation

hydrolysis reaction

+ 𝐶𝑁 −
+ 𝑁𝐻𝐶𝑙2

𝑝𝑟𝑜𝑑𝑢𝑐𝑡𝑠

𝑁𝐻3 + 𝐶𝑁𝐶𝑙

Figure 3.1

Reactions involving monochloramine

Ozekin et al.4 proposed that the rate of monochloramine decay in the presence of excess
ammonia in pure water (i.e., in the combined chlorine region of the breakpoint curve) primarily
occurs through a series of 5 reactions. This series of reactions ignores the reverse reaction of
disproportionation, and obviously ignores the reactions involving hydroxide and cyanide). These
five reactions that largely define the rate of monochloramine decay in the combined chlorine
region are:
𝑁𝐻3 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

(3.4)

𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂 → 𝑁𝐻3 + 𝐻𝑂𝐶𝑙

(3.5)

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

(3.6)

𝑁𝐻2 𝐶𝑙 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂

(3.7)

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻𝐶𝑙2 → 𝑁2 + 3𝐻𝐶𝑙

(3.8)
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The hydrolysis reaction (eq 3.5) is a key reaction within this sequence, yet, there have
been only a few studies on the kinetics of monochloramine decay through the hydrolysis
pathway, and in these studies, the kinetic constants reported for hydrolysis were varied.
Granstrom9 was the first to report a rate constant for monochloramine hydrolysis at 𝑘 = 5.21 ×
109 × 𝑒

−17100
𝑅𝑇

𝑚𝑖𝑛−1 (k = 2.49 x 10-5 s-1 at 25°C). However, this value was determined through

an indirect measurement method, under experimental conditions where competing reactions were
significant. Morris and Isaac8 revisited Granstrom’s original data, and from these same data
estimated the rate constant at 𝑘 = 1.38 × 108 × 𝑒

−8800
𝑇

𝑠 −1 (k = 2.1 x 10-5 s-1 at 25°C).

Margerum et al.17 proposed a value of k = 1.9 x 10-5 s-1 by first measuring the rate of reaction
between HOCl and NH3 (i.e., the reverse reaction), and by measuring the apparent equilibrium
constant for the forward and reverse reaction:
𝐾𝑒𝑞

𝑁𝐻3 + 𝐻𝑂𝐶𝑙 ⇔ 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

(3.9)

In this study, the rate of monochloramine hydrolyses was measured directly as a function of
temperature. The reaction was studied under conditions where the rate constant could be
measured directly with minimum interferences from other reactions. This was accomplished by
metering in CN- to the reacting solution to quench the reaction product, HOCl, thereby
eliminating the major interfering (reverse) reaction.
Based on previous research by Gerritsen and Margerum34, cyanide is known to react
much faster with HOCl than with NH3, where the second-order rate constant for the reaction
between HOCl and CN- is equal to 1.22  109 M-1 s-1 at 25°C. Compared to the rate constant for
the reaction between HOCl and NH3, forming NH2Cl, proposed by Morris and Isaac8 (k = 4.2 
106 M-1 s-1 at 25°C), the consumption of HOCl by CN- will occur almost 1000 more rapidly than
the reaction with NH3 at equal concentrations of CN- and NH3.
Yet, interference from other reactions involving CN- must be considered also, specifically
the reaction between CN- and NH2Cl. This reaction has been studied by Schurter et al.16 who
noted observed a dependence on pH in the rate,
𝑁𝐻2 𝐶𝑙 + 𝐶𝑁 − + 𝐻 + →

𝑁𝐻3 + 𝐶𝑁𝐶𝑙

Schurer et al. calculated the overall second order rate constant as

(3.10)
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𝑘 = (6.9 × 1010 [𝐻 + ])𝑀−2 𝑠 −1 + (1.94 × 10−2 )𝑀−1 𝑠 −1. Analysis of this rate constant shows
that at high pH (> 8) with low concentrations of NH2Cl and CN- (i.e., < 1 mM each), this
interfering reaction can be minimized.
At high pH, the direct reaction between NH2Cl and OH- that also must be considered is:
𝑁𝐻2 𝐶𝑙 + 𝑂𝐻 − →

𝑁𝐻2 𝑂𝐻 + 𝐶𝑙 −

(3.11)

Anbar and Yagil35 determined the second order rate constant for the reaction between these two
species to be k = 6.2  10-5 M-1 s-1. Therefore, when the pH is > 13, this reaction is a significant
pathway through which monochloramine decays. At lower pH values, this reaction becomes less
significant.
A final competing reaction is the disproportionation of monochloramine,
𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻3 + 𝑁𝐻𝐶𝑙2

(3.12)

Because this reaction is second order in NH2Cl and first order in the proton ion concentration, it
is most significant at low pH (< 8), and at high NH2Cl concentrations13. Hence, to minimize
NH2Cl loss through this reaction, the pH must be in the basic region, while maintaining a low
initial concentration of NH2Cl.
Hence, it appears that by controlling pH within a certain range, and by maintaining a low
concentration of CN- is solution (to reduce the significance of eq 10), and low concentration of
NH2Cl (to reduce the significance of the disproportionation reaction), the hydrolysis of
monochloramine can be isolated from competing reactions involving monochloramine,
specifically those reactions involving direct reaction of NH2Cl with OH-, CN-, and itself, and the
reaction between HOCl and NH3 resulting in the re-formation of NH2Cl.
Model Development. To better estimate the necessary experimental conditions under
which the reaction can be studied, the reactions listed above can be evaluated simultaneously
with a simple kinetic model. Because all of the above reactions, except for the
disproportionation reaction, are first order in NH2Cl, they can be summed together into one
observed rate constant, assuming OH- and CN- concentrations are maintained constant within the
system in the system. The disproportionation reaction need not be considered if the pH is
maintained above 8. Under these conditions, the observed rate law for of NH2Cl loss can be
defined as:
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𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝑑[𝑁𝐻2 𝐶𝑙]

= −𝑘𝑜𝑏𝑠 [𝑁𝐻2 𝐶𝑙] + (

𝑑𝑡

)

(3.13)

𝐽

where:
𝑘𝑜𝑏𝑠 (𝑠 −1 ) = (6.9 × 1010 [𝐻 + ] + 1.94 × 10−2 )[𝐶𝑁 − ] + (6.2 × 10−5 )[𝑂𝐻− ] + 𝑘𝑚𝑎

(3.14)

In eq 3.14, kma, is the rate constant for NH2Cl hydrolysis, and the other terms are the rate
constants in the reactions defined by eqs 3.10 and 3.11. In this formulation, (

𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

)

𝐽

represents all other potential reactions that involve monochloramine formation or decay, and will
be discussed subsequently. The value of the first three terms in the observed rate constant (eq
3.14) (i.e., excluding monochloramine hydrolysis, can be evaluated as a function of pH, if a
constant concentration of CN- at 3 x 10-6 M is assumed:
′ (𝑠 −1 )
𝑘𝑜𝑏𝑠
= (6.9 × 1010 [𝐻 + ] + 1.94 × 10−2 )[𝐶𝑁 − ] + (6.2 × 10−5 )[𝑂𝐻− ]

(3.15)

′
Figure 3.2 showed the pH-dependency on these three terms (i.e., 𝑘𝑜𝑏𝑠
) under these conditions,
′
and also includes the line for the pH dependence on 𝑘𝑜𝑏𝑠
when the concentration of CN- is zero.
′
As can be seen from Figure 3.2, within the pH range 11.5 to 12, the value of 𝑘𝑜𝑏𝑠
is ≤ 0.0035 hr1

, and is somewhat less in the presence and absence of CN-. Comparing this value to the rate

constant for hydrolysis of monochloramine reported by Morris and Isaac8 of kma = 0.0756 hr-1,
suggests these interfering reactions will contribute less than 5% to the measured rate of
monochloramine loss, when measured under these conditions. Over this pH range,
monochloramine hydrolysis is expected to account for over 95% of the total loss of
monochloramine. Importantly, the calculated decay through these other processes can be
subtracted from the total decay, measured experimentally, to provide an accurate estimate on the
rate of monochloramine hydrolysis.
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Figure 3.2 The calculated value of 𝑘𝑜𝑏𝑠
(hr-1) with 3 µM CN- and without CN-

𝑑[𝑁𝐻2 𝐶𝑙]

To account for other reactions involving monochloramine (i.e., (

𝑑𝑡

) ) the complete
𝐽

system of reactions involving all chlorine species that exist in water in the presence of ammonia
can be defined. These reactions include the oxidation-reduction reactions that result in oxidation
of ammonia and reduction of chlorine to chloride, both in the combined and breakpoint regions
of chlorine to ammonia dose ratios. These reactions are provided in Table 1, and for the purposed
of the present study, they include those reactions involving CN- and OH- (at high pH. This
system of 17 reactions was used to construct the associated seven ordinary differential equations
(ODEs) on the the change in concentration of NH3 + NH4+, HOCl + OCl-, NH2Cl, NHCl2, NCl3,
HCN + CN-, and H+ + OH- as a function of time. The system of ODEs were solved within a
MatLab computer program. As will be shown, under the experiment condition of this study (pH
𝑑[𝑁𝐻2 𝐶𝑙]

> 11; [NH2Cl] < 3 mg/L as Cl2; [CN-] = 3 x 10-6 M), the value of (
effect on the measured monochloramine hydrolysis rate constant.

𝑑𝑡

) has a negligible
𝐽
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Table 3.1

Chlorine - Ammonia Reaction Scheme

Reactiona

Rate Law

Rate Constant (°C)

Ref

1. 𝑁𝐻3 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂

𝑘1 [𝐻𝑂𝐶𝑙][𝑁𝐻3 ]

𝑘1 = 4.2 × 106 𝑀−1 𝑠 −1

8

2. 𝑁𝐻2 𝐶𝑙 + 𝐻2 𝑂 → 𝑁𝐻3 + 𝐻𝑂𝐶𝑙

𝑘2 [𝑁𝐻2 𝐶𝑙]

𝑘2 = 2.1 × 10−5 𝑠 −1

8

3. 𝑁𝐻2 𝐶𝑙 + 𝐻𝑂𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂

𝑘3 [𝐻𝑂𝐶𝑙][𝑁𝐻2 𝐶𝑙]

𝑘3 = 2.78 × 102 𝑀−1 𝑠 −1

17

4. 𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 + 𝑁𝐻2 𝐶𝑙

𝑘4 [𝑁𝐻𝐶𝑙2 ]

𝑘4 = 6.38 × 10−7 𝑠 −1

17

5. 𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

𝑘5 [𝑁𝐻2 𝐶𝑙]2

3

6. 𝑁𝐻𝐶𝑙2 + 𝑁𝐻3 → 𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙

𝑘6 [𝑁𝐻𝐶𝑙2 ][𝑁𝐻3 ]

𝑘5 = 𝑘𝐻 + [𝐻 + ] +
𝑘𝐻2𝐶𝑂3 [𝐻2 𝐶𝑂3 ] + 𝑘𝐻𝐶𝑂3− [𝐻𝐶𝑂3− ]
𝑘6 = 6 × 104 𝑀−1 𝑠 −1

7. 𝑁𝐻𝐶𝑙2 + 𝐻2 𝑂 → 𝐼

𝑘7 [𝑁𝐻𝐶𝑙2 ][𝑂𝐻 − ]

𝑘7 = 1.11 × 102 𝑀−1 𝑠 −1

36

8. 𝑁𝐻𝐶𝑙2 + 𝐼 → 𝐻𝑂𝐶𝑙 + 𝑝𝑟 a

𝑘8 [𝐼][𝑁𝐻𝐶𝑙2 ]

𝑘8 = 2.78 × 104 𝑀−1 𝑠 −1

37

9. 𝑁𝐻2 𝐶𝑙 + 𝐼 → 𝑝𝑟 a

𝑘9 [𝐼][𝑁𝐻2 𝐶𝑙]

𝑘9 = 8.33 × 103 𝑀−1 𝑠 −1

37

10. 𝑁𝐻2 𝐶𝑙 + 𝑁𝐻𝐶𝑙2 → 𝑝𝑟 a

𝑘10 [𝑁𝐻2 𝐶𝑙][𝑁𝐻𝐶𝑙2 ]

𝑘10 = 1.53 × 10−2 𝑀−1 𝑠 −1

3, 37

11. 𝑁𝐻𝐶𝑙2 + 𝐻𝑂𝐶𝑙 → 𝑁𝐶𝑙3 + 𝐻2 𝑂

𝑘11 [𝑁𝐻𝐶𝑙2 ][𝐻𝑂𝐶𝑙]

12. 𝑁𝐻𝐶𝑙2 + 𝑁𝐶𝑙3 + 2𝐻2 𝑂 → 2𝐻𝑂𝐶𝑙 +
𝑝𝑟a
13. 𝑁𝐻2 𝐶𝑙 + 𝑁𝐶𝑙3 + 2𝐻2 𝑂 → 𝐻𝑂𝐶𝑙 +
𝑝𝑟a
14. 𝑁𝐻2 𝐶𝑙 + 2𝐻𝑂𝐶𝑙 + 𝐻2 𝑂 → 𝑁𝑂3− +
5𝐻 + + 4𝐶𝑙 −
15. 𝑁𝐻2 𝐶𝑙 + 𝑂𝐻 − → 𝑁𝐻2 𝑂𝐻 + 𝐶𝑙 −
16. 𝐻𝑂𝐶𝑙 + 𝐶𝑁 − → 𝐶𝑁𝐶𝑙 + 𝑂𝐻 −

b

5

𝑘11 = 𝑘𝑂𝐻 − [𝑂𝐻 − ] +
𝑘𝐶𝑂32− [𝐶𝑂32− ] + 𝑘𝑂𝐶𝑙 − [𝑂𝐶𝑙 − ]
𝑘12 [𝑁𝐻𝐶𝑙2 ][𝑁𝐶𝑙3 ][𝑂𝐻 − ] 𝑘12 = 5.56 × 1010 𝑀−2 𝑠 −1

5

𝑘13 [𝑁𝐻2 𝐶𝑙][𝑁𝐶𝑙3 ][𝑂𝐻 − ] 𝑘13 = 1.39 × 109 𝑀−2 𝑠 −1

13

𝑘14 [𝑁𝐻𝐶𝑙2 ][𝑂𝐶𝑙 − ]

𝑘14 = 2.31 × 102 𝑀−1 𝑠 −1
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𝑘15 [𝑁𝐻𝐶𝑙2 ][𝑂𝐻 − ]

𝑘15 = 6.2 × 10−5 𝑀−1 𝑠 −1

35

𝑘16 [𝐻𝑂𝐶𝑙][𝐶𝑁 − ]

k16 = 1.22  109 M-1 s-1

34

c

5, 8

k17 = (6.9  1010·[H+]) M-2 s-1 + 16
(1.94  10-2) M-1 s-1
a
+
pr = products and include N2, H2O, Cl , H , NO3 . For calculating the buffer capacity, products were assumed
to contain 3H+ for each reaction.
b
c
𝑘𝐻 + = 6.94  103 M-2 s-1 ; 𝑘𝐻2𝐶𝑂3 = 0.75 M-2 s-1 ; 𝑘𝐻𝐶𝑂3− = 2  10-3 M-2 s-1
𝑘𝑂𝐻 − = 3.28  109 M-2 s-1 ;
6
-2 -1
4
-2
-1
𝑘𝐶𝑂32− = 6  10 M s ; 𝑘𝑂𝐶𝑙 − = 9  10 M s
17. 𝑁𝐻2 𝐶𝑙 + 𝐶𝑁 − → 𝑁𝐻3 + 𝐶𝑁𝐶𝑙

3.2

𝑘17 [𝑁𝐻2 𝐶𝑙][𝐶𝑁 − ]

Methods and Materials
All water used to prepare solutions was purified with a Barnstead Nanopure ultrapure

water system after pretreatment by R/O. This water was dosed with 2.5 mg/L (as Cl2) NaOCl
(0.035 mM) to eliminate any initial chlorine demand. After one day, the chlorinated water was
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dechlorinated by exposure to UV light. Monochloramine stock solution was prepared by slowly
(i.e., dropwise) titrating chlorine solution into a solution of ammonium chloride with rapid
mixing. For each stock solution prepared, the final ratio of chlorine to ammonia (Cl2/NH3-N, or
Cl/N) was 0.2, whereas the intended concentration of NH2Cl within the stock monochloramine
solutions was 0.02 mM. After preparation, each stock monochloramine solution was stored in
the dark overnight before used. For each experiment, monochloramine reaction solutions were
prepared in a series of 20 amber bottles containing 25 mL stock monochloramine solution each
(at initially ≈ 20 µM NH2Cl), and the temperature of each reaction solution was controlled by
placing each in a water bath at the desired experimental temperature. The pH of each solution
was adjusted within the range 11 to 12, by adding 25 mL of NaCO3 buffer to a final
concentration of 10 mM carbonate).
To initiate each experiment, 150 µL of 10-3 M NaCN was added into the solution under
rapid mixing to give an initial concentration of 3 µM. Every hour, the complete contents of
duplicate sample bottles were removed for duplicate analysis of monochloramine by DPD
titration. Because the stoichiometry of monochloramine decay is such that one molecule of
NH2Cl produces one molecule of HOCl, which in turn reacts with one molecule of CN-, the
measured concentration of NH2Cl was used to calculated the amount of CN- reacted within each
one hour time interval. After each measurement, the necessary amount of CN- was
supplemented into each remaining solution to maintain CN- at 3.0 µM. Control experiments
were performed also with a similar series of 10 sample bottles containing no CN-.

3.3

Result and Discussion
Experiments were conducted at temperatures from 10 to 30° C within the pH range 11.4

to 12.05. Figure 3.3 shows typical experimental data, at 25°C, pH = 11.4, with and without the
addition of CN-. The data indicate that significant NH2Cl loss occurs over the nine hour period
when 3 µM CN- was present in solution, whereas no loss was observed in the control sample in
the absence of CN-.
This result indicates that monochloramine indeed decays quite rapidly through the
hydrolysis reaction. By minimizing the sum of the squared errors on measured and calculated
concentrations (calculated assuming pseudo-first order kinetics), it was determined for these data
that the observed pseudo-first-order rate constant, kobs = 0.0787 hr-1. At the experimental pH (=
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′
′
11.4), with 3 µM CN- in solution, the value of 𝑘𝑜𝑏𝑠
can be calculated to equal 𝑘𝑜𝑏𝑠
= 0.0026 hr-1,

resulting in a value of kma equal to 0.0761 hr-1, for the rate constant for monochloramine
hydrolysis at 25° C.

16
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Figure 3.3 Monochloramine as a function of time at 25°C and pH = 11.4. The line is the first
order decay least-squares regression to the data.
In a typical water disinfection system (i.e., in the absence of cyanide), the concentration
of monochloramine at high pH (≈ 8 to 12) might appear to be stable, as its concentration would
be constant for a long period of time (i.e., days). For example, Vikesland et al. predicted that
near pH 8 at 35°C, the half-life of monochloramine in water containing residual ammonia was
approximately 75 hours28. However, this apparent stability obviously stems from the fact that
the reaction between NH3 and HOCl is very rapid, maintaining a “stable” concentration of
NH2Cl over periods of days. From the rate constant of kma = 0.0761 hr-1, the actual half-life of
monochloramine through the hydrolysis reaction can be calculated at 9.1 hours.
Figure 3.4 shows experimental results of monochloramine decay when experiments were
conducted at three difference pH values (11.4 to 11.98) at 25°C. The figure indicates that decay
was insensitive to change in pH over this range, as suggested by the minimal interferences by
other pH dependent reactions within this pH range, shown on Figure 3.2. Subtracting the value
′
of 𝑘𝑜𝑏𝑠
, calculated at each pH value, from the measured observed rate constant (kobs) at each pH value,

results in three values of kma that when averaged results in kma = 2.05  10-5 s-1 at 25°C (0.0735 hr-1).

This value is in good agreement with that proposed by Granstrom9 of 2.1  10-5 s-1.
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Figure 3.4 Concentration of monochloramine as a function of time at T = 25°C in three
different pH
In Figure 3.5, results are shown for experiments conducted at temperatures ranging from
10° to 30° C, as this temperature range is the most relevant in water treatment. The data in
Figure 3.5 show that the temperature greatly affects the rate of monochloramine decay. The
higher the temperature, the more rapid the reaction occurs. As a comparison, at 10°C the
average amount of monochloramine remaining in solution after 9 hrs was 71% of the initial
concentration. However, at 30°C the average amount of monochloramine remaining in solution
was 41% of the initial concentration.
The complete list of experimental conditions and the values of kma, calculated from the data
′
and from the values of 𝑘𝑜𝑏𝑠
calculated at each pH value, are provided in Table 3.2.
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Figure 3.5 Concentration of monochloramine as a function of time at different temperatures in
the presence of 3 µM CN-

Table 3.2

Observed rate constants for monochloramine hydrolysis at different temperatures
T (°C)
10
10
10
15
15
15
20
20
25
25
25
30
30
30

pH
11.60
11.68
11.8
11.62
11.65
11.95
11.85
11.88
11.40
11.88
11.98
11.96
12.02
12.05

kma (hr-1)
0.0397
0.0357
0.0389
0.0590
0.0573
0.0667
0.0713
0.0725
0.0761
0.0725
0.0723
0.1001
0.0949
0.1102

kma (sec-1)
1.052× 10-5
0.992 × 10-5
1.082 × 10-5
1.638 × 10-5
1.590 × 10-5
1.853 × 10-5
1.981 × 10-5
2.015× 10-5
2.115 × 10-5
2.015 × 10-5
2.009 × 10-5
2.781 × 10-5
2.637 × 10-5
3.061 × 10-5

From these values, an Arrhenius plot was created and provided in Figure 6, based on the
following straight-line Arrhenius equation:
ln 𝑘𝑚𝑎 = ln 𝐴 −

𝐸𝑎 1
( )
𝑅 𝑇

(3.16)
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where kma is the rate constant for the reaction, and A and Ea represent the collision factor and the
activation energy, respectively. Based on the regression, the activation energy and collision
factor were calculated to be Ea = 3.12  104 J mole-1 and A = 6.78 sec-1.
-10.2

ln kma (ln(sec-1))

-10.4
-10.6
-10.8
-11
-11.2

-11.4
-11.6
0.0032

0.0034

0.0036

1/T (1/K)

Figure 3.6 Arrhenius plot of the experimental results

3.4

Conclusions
Cyanide was found to be a successful quenching agent for HOCl, released upon the

hydrolysis of monochloramine, preventing HOCl from reforming monochloramine. By
evaluating potential interfering reactions as a function of pH, experimental conditions were
discovered under which the hydrolysis reaction could be isolated from interfering reactions, such
that loss of monochloramine through these other reactions could be controlled (and accounted
for) to less than 5% of loss expected though the hydrolysis reaction, itself. With the addition of
CN- used to quench HOCl produced during the reaction, monochloramine decay was quite rapid
with a half-live at 25° C of 9.1 hours, with a first-order rate constant of kma = 0.0735 hr-1. This
value is in agreement with that reported previously in 1954 by Granstrom9. Based on data
collected from 10 to 30° C, the Arrhenius activation energy and collision factor were calculated
to be Ea = 3.12  104 J mole-1 and A = 6.78 sec-1.
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CHAPTER 4. CHLORINE DETECTION METHODS

4.1

Introduction
Chlorine is one of the strongest oxidizing agents and its oxidizing nature makes it a very

effective compound to inactivate pathogenic microorganisms and viruses. It is used widely as a
household cleaning agent, as a swimming pool disinfectant, and as the most common chemical
for drinking water and wastewater disinfection. Chlorine is preferable as a disinfectant due to its
low-cost, wide availability, and ease of use.
In water, chlorine can be present in the form of HOCl or OCl-, depends on the pH of the
system. These two forms of chlorine are commonly referred as free available chlorine (FAC). If
ammonia is present in the water, the free chlorine reacts with the ammonia, forming chloramine
species: monochloramine, dichloramine, and trichloramine. These chloramine species are
referred to as combined chlorine species. The amount of free chlorine and combined chlorine
species in a system is known as the total residual chlorine. The formation of chloramine species
from the reaction between free chlorine and ammonia involved a series of reaction, which is
shown in Figure 4.1.

Figure 4.1 The reactions that occur upon addition of free chlorine (HOCl + OCl-) to water
containing NH313
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When chlorine is added to water that contains chlorine-demanding compounds, it will
react with these compounds, including ammonia. The reaction between HOCl and ammonia
forms monochloramine. Initially, the concentration of total residual chlorine is proportional to
the amount of chlorine added, with monochloramine as the dominant chlorine species is
sufficient ammonia is present in solution. When the concentration of chlorine is increased until
the mass ratio of Cl/N reaches 5:1 or higher, dichloramine started to form. Ammonia will no
longer by present in its free form. Dichloramine is relatively unstable and will decay. Therefore,
the total chlorine concentration in the system will decrease despite the fact that more chlorine has
being added to the system. Once the Cl/N mass ratio reached 7:1, the system reaches the
breakpoint. At chlorine doses higher than the breakpoint, the total chlorine concentration is again
proportional to the dosage of chlorine added, with free chlorine as the dominant chlorine species,
as all of the ammonia has been oxidized at this point.
Despite being an effective disinfectant, chlorine also has its disadvantages in term of
byproduct formation, as reactions with organic substances produce many low molecular weight
chlorine-containing and non-chlorine-containing products. There are major concerns that a great
number of these disinfection byproducts (DBPs) are harmful to humans. A number of research
studies have been conducted to investigate the toxicity, carcinogenicity, and the risks possessed
by DBPs towards human health38, 39. To balance the need of disinfection and the risk that may
emerge from DBPs, it is necessary to ensure that the amount of chlorine added as part of any
water treatment process is adequate to prevent waterborne disease. But at the same time, it is also
important to make sure that the chlorine added is not excessive, endangering humans through the
production of toxic byproducts. The maximum concentration of chlorine allowed in water
depends on the intended purpose that the water will be used.
As a result, any analytical method that provides accurate data on the concentration of
chlorine is water is highly desirable. Considering that chlorine analysis is one of routine
measurements required to monitor the quality of drinking water, the method also needs to be
practical and economical. Numerous methods have been developed and studied for detecting and
measuring chlorine species in water, with each method having specific advantages and/or
disadvantages. Some methods are quite simple; such as simple colorimetric and titrimetric
methods18, 19. Other methods require more complicated instruments, such as methods that use
chromatography20, 21. Within the last two decades, some studies have been conducted on
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determining chlorine concentrations based on chemiluminescence and fluorescence methods as
further developments of conventional colorimetric methods.
Among the methods, determination of chlorine by using a reduced compound that
undergoes oxidation upon its reaction with chlorine species, and where either the parent
compound or its oxidation product absorbs visible light, leading to easy colorimetric detection,
are among the most popular methods. Even if the compound does not directly react with any of
the chlorine species, if it reactions with another oxidized species, such as I2, that can be
generated from oxidation of I- by chlorine species, detection can still occur. Some of the
compounds that have been studied as reagents included methyl orange, ortho-tolidine, and
syringaldazine.
The main intention of this chapter is to present a critical and throughout review on the
available methods for chlorine detection and analysis. The chapter will start by a discussion of
the DPD method, as this is the most common method in use today. After the DPD method is
discussed, other colorimetric methods are discussed. In addition to these conventional
colorimetric methods, chemiluminescence and fluorescence methods are reviewed also. Some
instrumental methods and electroanalytical methods are also reviewed in this chapter.

4.2

DPD Methods
One of the most common colorimetric method to measure chlorine is the DPD method

which was first proposed by Palin in 195718 as an alternative method to the previous o-tolidine 40,
41

and methyl orange24 methods. In this method, the compound N,N-diethyl-p-phenylene-diamine

is used as a dye that is oxidized by free chlorine. This oxidation reaction will produce a redcolored radical compound as an intermediate, which is also known as the Wurster dye. At high
chlorine concentrations, a further (unwanted) oxidation reaction will change this compound into
a colorless imine compound.
In addition to the oxidation reaction, DPD undergoes acid dissociation reactions. The
oxidation reaction of DPD along with its acid-base equilibrium reactions are shown on Figure
4.2. Moore, Garmendia and Cooper42 have calculated that the two equilibrium constants for the
DPD deprotonation constants are K1 = (1.13  0.04)  10-3M, and
K2 = (3.50  0.87)  10-9 M. In a system where the pH is slightly neutral, the main product of the
oxidation reaction is the red Wurster dye. However, an excess of oxidant in the system will shift
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the reaction to produce the imine compound, which could be observed through the fading of the
colored sample.

Figure 4.2 Oxidation reaction and acid-base equilibrium of DPD
The sharp color change makes this method preferable for convenient analysis. The DPD
method can be performed either colorimetrically with the aid of a spectrometer, or titrimetrically.
One of the most prominent feature of this method is its ability to measure not only the
concentration of free available chlorine, but also combined chlorine species, i.e.,
monochloramine and dichloramine. The DPD reagent reacts with both free chlorine and
combined chlorine, but while the main reaction with free chlorine occurs immediately, the
reaction between DPD and combined chlorine species takes a much longer time, allowing free
chlorine to be easily quantified at short reaction times (i.e., minutes).
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DPD Colorimetric Method In the colorimetric method, the free chlorine concentration
can be estimated by measuring the absorbance of the sample after the chlorine has reacted with
DPD, as the absorbance is directly proportional to the amount of chlorine in the sample. The
colorimetric method also can be used to measure the total concentration of chlorine, which
includes both the concentration of FAC and combined chlorine. Because the reactions between
DPD and chloramine species take a longer time, analysis is carried out in a slightly acidic
condition with a small amount of iodide added to the water sample. The presence of iodide will
catalyze the reaction, as chloramines react with iodide, forming triiodide ions. The triiodide ions
will then oxidize the DPD to form the colored Wurster dye compound. The reactions between
chloramine species and iodide are as follows:
𝑁𝐻2 𝐶𝑙 + 3𝐼 − + 𝐻2 𝑂 → 𝑁𝐻4 𝑂𝐻 + 𝐶𝑙 − + 𝐼3−

(4.1)

𝑁𝐻𝐶𝑙2 + 3𝐼 − + 𝐻2 𝑂 + 2𝐻 + → 𝑁𝐻4 𝑂𝐻 + 2𝐶𝑙 − + 𝐼3−

(4.2)

Standard Methods suggested the use of phosphate buffer to adjust the pH of the water
sample to 6.2 to 6.529. The amount of potassium iodide that should be added into the sample to
include monochloramine in the measurement is 0.1 mg per 10 mL sample. Another 0.1 mg of
potassium iodide should be added if dichloramine is also to be included into the analysis, as the
reaction of I- with dichloramine is very slow (~ 1 min).
According to the Standard Methods, for an optimum sensitivity, the absorbance of the
sample should be recorded at λ = 515 nm. A set of standard solutions with known concentration
should be prepared, where the absorbance of each standard solution is measured and recorded.
Based on the Lambert-Beer equations, A = εbC, the value of ε for the DPD-colorimetric method
can be calculated. In their study, Cooper, Roscher and Slifker calculated that for a FAC
concentration of 1 mg/L (as Cl2), the molar absorptivity is 1.510-4 mol-1 cm-1 43. It should be
noted that the measurement should be performed immediately after all the reagents have been
added, as the fading of the color can lead to inaccuracy. The detection limit for the DPD
colorimetric method is 0.005 mg/L as Cl2.
DPD Titrimetric Method. The DPD titrimetric method can be made if measurements of
free chlorine and combined chlorine species, during one titration, is preferred. In this method, the
different reaction rate of free chlorine and combined chlorine becomes the main key in
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separating the measurement of those species. Once the Wusrter dye is formed (due to DPD
reaction with free chlorine), the sample is immediately titrated with ferrous ammonium sulfate
(FAS). The Fe2+ ion will reduce the Wurster dye back into its colorless amine form. The amount
of FAS needed to titrate the sample until the color completely disappears is proportional to the
concentration of free available chlorine in the sample.
After this initial titration, to measure the concentration of monochloramine, a small
amount of iodide is added to the same sample. As discussed in the colorimetric method, any
monochloramine present in the sample will react rapidly with the added iodide to form triiodide
ions. The Wurster dye will again form through oxidation of DPD by the triiodide ions. The
amount of monochloramine then can be measured by titrating this red dye with FAS until the
color completely disappears again. Additional potassium iodide is then added to the sample to
measure dichloramine. However, because the reaction between dichloramine and I- is slow, an
excess amount of potassium iodide is required, along with additional time to have the color
develop fully (i.e., the reaction reach completion).
The DPD method has been suggested as a standard method in routine measurement of
chlorine in water29. For the DPD titration method, Standard Methods recommends that the FAS
solution be prepared at a concentration of 1.106 g FAS per liter, which in equivalent to 100 μg
chlorine (as Cl2) for each mL titrant. The Standard Methods procedures suggested the use of a
phosphate buffer to adjust the pH of the sample.
For practical reasons, further studies have been conducted to enhance the performance of
the DPD method. Some DPD colorimetric test kits are commercially available, where the change
in color is observed by using a hand-held meter; or through comparison with a color wheel or
comparator tubes. These test kits are commonly used for on-site measurement of chlorine44.
Another modification of the DPD colorimetric method involves the use of more sophisticated
instrumentation. For example, some studies have combined the DPD method with flow injection
systems, which allows for the continuous monitoring of chlorine concentration45, 46. Integrating a
flow injection method also leads to less consumption of chemical reagents and samples, which
leads to a more efficient analysis.
The use of the DPD method also has been suggested as a more appropriate method for
online measurement of chlorine compared to amperometric titration47, 48. This is due to the fact
that DPD is sensitive to both species of free chlorine, i.e. HOCl and OCl-. Thus, unlike in
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amperometric titration, a change of pH in the system will not significantly affect the accuracy of
the measurement.
The superiority of DPD to be used as a method over a wider range of pH and temperature
compared to other reagents has been reported by Guter, Cooper and Sober49. In their study, they
compared four different colorimetric methods, i.e., Syringaldazine, Leuco Crystal Violet (LCV),
DPD, and stabilized neutral ortho-tolidine (SNORT). They reported that despite Syringaldazine
being the most specific one for measuring free chlorine, the DPD method was the method that
gave the most satisfactory result over a wide range of pH and range of temperature. Thus, the
DPD method appeared to be the most appropriate method for on-site or field measurement of
free chlorine.
However, despite its advantages over some other methods, DPD also has some flaws. As
this method is based on the oxidation reaction of DPD by chlorine, this method can suffer from
interferences by oxidizing agents. In general, interferences of this method can be divided into
two categories, interferences that comes from chlorine-containing species, and interferences from
other oxidizing agent, such as metal ions50.
The interferences from chlorine-containing species is usually avoided through kinetic
discrimination by minimizing the analysis time50. Based on the report from Derrigan et al.27,
after two minutes of standing time, the measurement already gives a higher reading, indicating
interference from monochloramine. However, kinetic discrimination does not ensure a complete
removal of the interferences. Another option to minimize the interference from chlorine
containing species is by adding additional reagent that can prevent these interfering species from
reacting with DPD. Palin suggested the addition of thioacetamide into the sample to avoid initial
interferences from monochloramine51. Another reagent that can be used to minimize
interferences from monochloramine is HgCl2, as proposed by Jensen and Johnson52. However,
since these additional reagents block the reaction of monochloramine with DPD, it also means
that addition of these reagents make the DPD titration method loose its ability to measure
combined residuals during the same titration.
Severe interferences result from oxidizing agent. Manganese species have been reported
as the most interfering species in the analysis, while iron (III) in a relatively high concentration
also can give some non-negligible interferences26, 53, 54. While the most common way to avoid
these interferences is by adding EDTA as a masking agent, a study by Moberg and Karlberg
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recommended a multivariate calibration to minimize the effect of these interferences50. They also
suggested that measuring the absorbance of the sample at 324 nm instead of at 515 nm could
enhance the sensitivity and selectivity of this method.
Another downfall of the DPD method is the lack of stability of the reagent. In its liquid
form, DPD can only be kept for a few weeks. Since it is sensitive to light exposure, it needs to be
kept in the dark in an amber bottle. According to Bjorklund and Rand, the reagent is even less
stable at high temperature54. At 35°C, the reagent only lasts one week. This means that in places
with warmer climates, special storage might be needed.
4.3

Other Colorimetric Method
Due to its practicality, colorimetry has been one of the most widely researched and

developed general methods for analysis of chlorine in water. Based on the reaction between a
certain reagent with chlorine that produces a colored compound, the intensity of color change
indicates the amount of chlorine that has reacted with the reagent, and can be observed by
comparing the light absorbance of a sample to that of a standard, or through instrumental
measurement of the color. Chemiluminescene and fluorescence methods have more recently
been developed as alternatives to classic colorimetric methods55.
o-Tolidine Method. One of the oldest colorimetric methods is the ortho-tolidine method.
This method was first proposed by Ellms and Hauser40 to measure a small quantity of chlorine as
an alternative to the simple starch-iodide method. Reaction between o-tolidine with free chlorine
gives a yellow color through the formation of the holoquinone of the o-tolidine. The structure of
the o-tolidine (colorless) and the holoquinone, as the oxidation product that gives the yellow
color, is given in Figure 4.3.
The color change can take place not just because of the reaction between o-tolidine and
chlorine in its free forms, but also with chloramine species. However, the reaction between otolidine and chloramine species takes a much longer time. According to Adams, Buswell and
Enslow, the reaction with chloramine species takes less time at a more acidic pH41.
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Figure 4.3 Structure of o-tolidine and its product after oxidation

Because o-tolidine is susceptible to oxidation, the reaction may occur with other species,
resulting in the method suffering from many interferences. Additionally, the color change that
takes place is often inconsistent. It has been reported that the color changes that takes place are
varied, from blue, green, to deep red. Aside from different oxidizing species that can cause this,
the different colors being produced can be the result of differences in pH that leads to the
different oxidation rates and products. As suggested by Ellms and Hauser, addition of HCl may
result in greater consistency in the color of the product(s), and at the same time, increasing the
rate of color development40. The addition of concentrated HCl is especially needed to minimize
the interference from nitrite ions, as this addition seems to inhibit the reaction that may occur
between nitrite and o-tolidine, producing another colored product56. However, the addition of a
high concentration of strong acid may lead to loss of monochloramine. As a result, the use of
strong acid can lead to a lower measured concentration of total chlorine, as the chloramine
species are already degraded by the acid.
Another modification of this method in order to minimize the interference from other
oxidizing agent is the one proposed by Adams, Buswell and Enslow 41. According to their study,
addition of H2O2 into the sample before being mixed with o-tolidine will minimize the
interference from manganese. The interfering manganese is reduced to its bivalent form by H2O2
and thus reduces its ability to react with o-tolidine.
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The o-tolidine method is also susceptible to interferences from organic compounds. As
demonstrated by March et al. who evaluated the use of this method in determining chlorine
content in greywater, the kinetic between FAC and the reagent was much slower57. The standard
procedure of using o-tolidine to measure chlorine in tap water generally requires 3 minutes for
the color to develop fully. However, a longer time is needed for the color to develop fully (± 9
minutes) if the sample being analyzed is grey water, due to the high concentration of total
organic carbon (TOC). Comparing the results of analyses by this method with those obtained
from another method indicates that a high level of TOC in the sample can severely affected the
accuracy of the method in determining FAC concentration.
Another drawback of this method is the lack of stability of the colored product.
Regarding this issue, Johnson and Øverby introduce the SNORT method, which is an acronym
for Stabilized Neutral Ortho-Tolidine58. In this method, the addition of bis (2-ethylhexyl)
sulfoccinate significantly increased the stability of the blue-colored reaction intermediate
product, formed from the reaction between o-tolidine and free chlorine. The amount of chlorine
in the sample is determined colorimetrically by measuring the absorbance of this blue colored
product at λ = 625 nm. The structure of the blue oxidation product of o-tolidine is shown on
Figure 4.4.

Figure 4.4 Structure of the blue-colored compound as a product of o-tolidine oxidation
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The addition of bis (2-ethylhexyl) sulfoccinate enables the measurement to be conducted
at a neutral pH instead of under acidic conditions, as is the case of the conventional o-tolidine
method. Longer stability from color-fading has been observed. It should be noted that the
addition of the stabilizer also decreases the reaction rate between o-tolidine and
monochloramine.
Further research and development in the use of o-tolidine to measure chlorine has been
discouraged, as the method has been reported to have poor accuracy and is inferior to other
methods49. The toxicity of the reagent also has been another major factor that discourages the use
of this method. Since late 1960’s, this method is no longer listed as one of the suggested method
in Standard Methods.
Due to the issue of toxicity, Sakamoto et al. have attempted to formulate a less toxic
derivate of o-tolidine that could be used as an indicator in a colorimetric method 59. In their
study, they synthesized N,N"-bis(2,4-di-sulfobenzyl) tolidine tetrasodium salt (SBT) from the
reaction between o-tolidine and disodium benzaldehyde-2,4-disulfonate. This dye is watersoluble, and will react with free available chlorine, giving a stable greenish blue color with a
maximum absorbance at 675 nm. This method can detect chlorine at a concentration as low as
0.05 mg/L with a linear response range of 0 to 2 mg/L.

HOCl

SBT (pale yellow)

Figure 4.5

Structure of SBT and its product after oxidation

Oxidized product (blue)
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The use of this method gives an optimum result at pH 5.2. But when the pH of the sample
is higher than 7, some decoloration starts to take place. An aqueous solution of this reagent can
last for up to 7 days and was claimed to be less toxic than DPD. However, this method can only
measure free available chlorine, and does not detect combined chlorine species. The study also
did not report possible species that may interfere with the analysis.
Pyridine. A simple colorimetric method by using pyridine as the chromogenic indicator
was proposed by Milton60. The basis of this analysis is that after first reacting cyanide with
chlorine to form CNCl, a further reaction with pyridine forms a red-colored quaternary amine
compound. The concentration of chlorine in the sample is proportional to the intensity of the
color. The final reaction involved in this method is as follows:

Figure 4.6

Reaction between pyridine and CNCl

Despite the claim that this method is more sensitive than the o-tolidine method, the use of
cyanide in this method is problematic considering its toxicity. This method also seems
impractical because at least 10 minutes is needed for the color to develop fully. In addition, this
method is also susceptible to interferences from bromine, as bromine also reacts with the
reagents in the same way.
p-Aminodimethylaniline. As an alternative to o-tolidine as a dye to be used in
colorimetric analysis of chlorine, p-aminodimethylaniline was proposed by Byers and Mellon22,
61

. The reaction between this dye with free chlorine gives a purple color which comes from the

formation of a meriquinone compound. While the reaction with free chlorine will take place
immediately, reaction with chloramine species requires a longer time22. A study by Moore et al.
has reported that this method gave a more reliable result than o-tolidine when the concentration
of chloramine species was taken into account. According to Palin, addition of potassium iodide
and pH adjustment will catalyze the reaction between chloramine species and this dye, enabling
a measurement of both free chlorine and chloramine species at the same time61. Although the dye
itself has a longer shelf-life, this method suffers from interferences from oxidizing agent such as
manganese species and dissolved oxygen61.
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Figure 4.7 Structure of p-aminodimethylaniline and its product after oxidation

Methyl-Orange Method. Another colorimetric method for measuring chlorine is the
methyl orange method. This method is different from other colorimetric method, as instead of
measuring the intensity of color being formed through the reaction between the reagent and free
chlorine, this method measures the loss of color to estimate the amount of chlorine in the
sample24. In other words, the oxidation reaction between free chlorine and visible methyl orange
forms a colorless compound instead of a colored one. The amount of chlorine that reacts with
methyl orange is proportional to the loss of color. Taras highlighted the wide availability of this
method and its stability that ensures a longer shelf life as the main advantage of this method24.
Figure 4.8 shows the structure of methyl orange and its reaction with free chlorine.

Figure 4.8 Structure of methyl orange and its product after oxidation
The use of methyl orange to determine chlorine can be performed titrimetrically or
colorimetrically. In the titrimetric method, methyl orange is used as the titrant where it is
dissolved in a diluted HCl solution. The sample is titrated with methyl orange until the first
indication of a stable pink color occurs23. This titrimetric method cannot differentiate free
chlorine from combined chlorine. In fact, the presence of chloramine compounds was claimed to
inhibit the reaction between methyl orange and free chlorine.
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In the colorimetric method, when it was first introduced in mid-1940’s, the analysis was
performed merely by comparing the color of the sample after it has been mixed with the dye with
a set of permanent standards24. With further development in analytical methods and
instrumentation, the concentration of chlorine was estimated by observing the absorbance of the
solution at λ=510 nm. The detection limit of this method was reported at 0.1 mg/L (as Cl2). If
performed colorimetrically, methyl orange can be used to determine the concentration of total
chlorine (free and combined). The reaction between monochloramine and the dye takes a longer
time. Hence, an additional ten minutes is needed to have complete reaction between the dye and
the chloramine species before the absorbance is measured.
Since this method measures the loss of color, one of its downfalls is its low precision.
The accuracy of this method is highly dependent on how much reagent is available initially in
solution. The dye needs to be in an excess amount (compared to chlorine) to have an accurate
result. The practicality of this method is debatable, as the pH of the sample has to be strictly
maintained at pH 3.0, to ensure that the color change is solely due to the reaction between
chlorine and the dye24. The measurement is also sensitive to temperature62, and often gives a
non-linear calibration curve26. This method also suffers from interferences from oxidizing
agents. Sollo and Larson have pointed out that instead of just measuring total chlorine, this
method measures the total halogen presents in the sample, as the reagent also reacts with
bromine62. With respect to interferences from bromine, Laitinen and Boyer reported that even
though both chlorine and bromine react with methyl orange, they react with different
mechanisms, which leads to different patterns in the resulting absorption spectrum between 200400 nm63. This difference can be utilized as a basis to determine the concentration of both
species in simultaneous measurements.
Syringaldazine (FACTS) Method. The Syringaldazine method is another common
method for measuring chlorine in water. This method is also known as the FACTS method,
which stands for “Free Available Chlorine Tested with Syringaldazine”53. As implied by its
name, the reagent used in this method is syringaldazine, or 3,5-dimethyl-4,hydroxyl-benaldazine,
that will react with FAC at a 1:1 molar ratio. After reacting with FAC, the colorless reagent
produces a red-purple compound. The amount of FAC is proportional to the intensity of this
color being formed, which is monitored at 540 nm.
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Figure 4.9

Structure of Syringaldazine and its product after oxidation

Compared to other methods, this method is more specific to free chlorine as
syringaldazine reacts with hypochlorite, but does not react with combined chlorine25. This
method is also less susceptible to interferences from manganese43. Initially, this method was
designed to measure low concentrations of chlorine (around 1 mg/L)25. However, a further
modification enhanced the detection range up to 10 mg/L, with detection limit of 0.2 mg/L (as
Cl2) while enabling the method to also measure the concentration of ozone in water64.
This method still possesses a few downfalls. One of the main disadvantages of this
method is the low solubility of the reagent in water. The reagent needs to be prepared in 2propanol, and even in this solvent, ultrasonic agitation, along with some heating is still required
for the reagent to dissolve completely. Another disadvantage of this method is the low stability
of the colored products after the reagent has been oxidized by FAC25, 65.
Leuco Crystal Violet. Leuco Crystal Violet (LCV) is another dye which has been
proposed by Black and Whittle as a reagent for chlorine detection66. At first, the dye was used in
colorimetric determination of residual iodine in water67. Further study showed that under acidic
conditions (pH = 4), the reaction between LCV and chlorine gives a deep blue color, which
absorbances light at 592 nm. Both free chlorine and combined chlorine react with this dye.
However, addition of HgCl2 into the system will significantly reduce the reaction rate between
LCV and combined chlorine, and thus enable a measurement of only the concentration of free
chlorine, if is preferred. The reported detection limit for this method is 0.2 mg/L, with a linear
range from 1 to 10 mg/L.
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Figure 4.10

Structure of LCV and its product after oxidation

Measurement of total chlorine can be performed by adding potassium iodide in an acetate
buffer, and then mixing it with the LCV indicator. Both free chlorine and combined chlorine will
oxidized the iodide to hypoiodous ions. These hypoiodous ions then react with LCV to produce
crystal violet which absorbs light at 592 nm.
This method previously was listed in Standard Methods in 198549. However, some have
reported that this method is not as accurate as the DPD method. In addition, this reagent is not
stable and needs to be kept in the dark65, 68. Another weakness of this method is its susceptible to
interferences from manganese, iron, and chlorine dioxide65, 66.
Acid Yellow 17 As another alternative to DPD and LCV, Chiswell and Halloran have
suggested the use of Acid Yellow 17 as a reagent for chlorine measurement65. Like methyl
orange, the measurement of chlorine using this reagent is accomplished by measuring the loss of
color, rather than color formation. The reagent as a yellow color, and reaction with free chlorine
results in loss of color, which can be observed by monitoring light absorption at 395 nm. The
limit of detection is 0.05 mg/L (as Cl2). This dye reacts with free chlorine but does not react with
chloramine species. The use of this dye in a flow injection system has been studied, giving a
limit of detection of 0.05 mg/L (as Cl2)69.
Despite a higher stability, the reagent takes at least 5 minutes to react completely with
free chlorine. This dye also reacts rapidly with chlorine dioxide69.
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Figure 4.11. Structure of Acid Yellow 17
3,3’-5,5’-Tetramethylbenzidine (TMB). Serrat has studied the use of TMB as a dye for
measuring chlorine70. Under acidic conditions (pH 1-2), the reaction between this reagent and
chlorine produces a yellow colored product that has a maximum absorbance at 450 nm. This dye
can be used to measure the amount of total chlorine colorimetrically, with a detection limit of
0.002 mg/L. However, there is no information provided on whether this method can differentiate
between free and combined chlorine species.

HOCl

Figure 4.12

Structure of TMB and its product after being oxidized by chlorine

For practical applications, Mesquita et al. have integrated this method into a sequential
injection spectrometry method that requires less reagent and sample volume71. This reagent is
less toxic than DPD, but the main disadvantage is the low solubility of the reagent in water. As a
result, the reagent is generally dissolved in a DMF - water mixture. Because higher pH produces
inconsistent color changes, the solution needs to be acidified to have a more accurate and
reproducible result.
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o-Dianisidine. Based on the known oxidation reaction between o-dianisidine and H2O2,
Icardo et al. used this compound as a chromogenic reagent in a flow injection system to analyze
the concentration of free chlorine72. The oxidation reaction between free chlorine and this
compound give a colored product, which has a maximum light absorbance at 445 nm.

Figure 4.13

Structure of o-dianisidine and its product after oxidation

This compound reacts with free chlorine, and also with chloramine species. However,
due to the low reaction rate, the reaction that takes place between o-dianisidine and chloramine
species can be neglected if the analysis is conducted in a flow injection system73, 74. Analysis
with this dye needs to be conducted under acidic conditions (pH = 3), with acetic acid at a
concentration of 1 mol/L used to adjust the pH. This method has a detection limit of 0.04 mg/L
(as Cl2), with a linear range from 0.04 to 1 mg/L.
ABTS (2,2-azino-bis(3-ethylbenzothiazoline)-6-sulfonic acid-diammonium salt).
Another dye that has been explored for use in chlorine detection is ABTS (2,2-azino-bis(3ethylbenzothiazoline)-6-sulfonic acid-diammonium salt)75. This compound has been commonly
used as a reagent in enzymatic peroxide tests76. The compound reacts with chlorine, giving a
stable green colored compound that can be monitored at 415 nm75, 77.
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Figure 4.14 Structure of ABTS and its product after being oxidized by chlorine
This compound reacts with different chlorine species, including HOCl, NH2Cl, ClO2, and
ClO2-. At pH 2, reaction with all of these species takes place rapidly. The stoichiometry of the
reactions between ABTS and each of the chlorine species are given below:
𝐻𝑂𝐶𝑙 + 2 𝐴𝐵𝑇𝑆 + 𝐻 + → 𝐶𝑙 − + 2 𝐴𝐵𝑇𝑆 •+ + 𝐻2 𝑂

(4.3)

𝑁𝐻2 𝐶𝑙 + 2 𝐴𝐵𝑇𝑆 + 𝐻 + → 𝐶𝑙 − + 2 𝐴𝐵𝑇𝑆 •+ + 𝑁𝐻4+

(4.4)

𝐶𝑙𝑂2 + 𝐴𝐵𝑇𝑆 → 𝐶𝑙𝑂2− + 𝐴𝐵𝑇𝑆 •+

(4.5)

𝐶𝑙𝑂2− + 4 𝐴𝐵𝑇𝑆 + 4 𝐻 + → 𝐶𝑙 − + 4 𝐴𝐵𝑇𝑆 •+ + 2 𝐻2 𝑂

(4.6)

Some of the chlorine species can be quantified individually due to the differences in the reaction
rates of each compound as a function of pH. For example, at pH 6.5, HOCl and NH2Cl will react
slowly with the dye, compared to ClO2, which reacts rapidly, whereas ClO2- will not react with
the dye. Addition of iodide at a low concentration will catalyze the color change due to HOCl
and NH2Cl.
Indigo Carmine Previously, indigo carmine has been used as a reagent for spectrometric

determination of ClO278. Based on the fact that reaction between this dye and chlorine will
oxidize the dye, forming a colorless product, Saad et al. studied the ability of this dye to be used
for chlorine determination77. In their research, they used the dye in a flow injection analysis
(FIA) method, where the concentration of chlorine was determined based on the absorbance
decrease at 610 nm. The study reported that the detection limit for the FIA system was 2.0 mg/L.
This limit of detection was relatively high compared to other dyes that were also tested in the
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same study. For example, o-dianisinidine and ABTS were reported to have detection limits of
0.15 and 0.02 mg/L, respectively.

Figure 4.15

Structure of Indigo Carmine

Aside from this relatively high detection limit, it should be noted that indigo carmine
gave a wider linear range at high concentration, from 2.6 to 51.8 mg/L (as Cl2). This implies that
indigo carmine seems to be an appropriate option for water samples contains a high
concentration of chlorine. The dye also showed a good selectivity in detecting free chlorine in
samples relatively free from interfering metal ions. Nevertheless, it might not be a suitable
reagent to be used when analysis of combined chlorine species are needed, as this dye does not
seem to be sensitive to detect combined chlorine.
Thio-Michler’s Ketone (TMK) Zenki et al. studied the use of 4,4’tetramethyldiaminothio-benzophenone (Thio-Michler’s ketone, TMK) as a dye for colorimetric
determination of chlorine79. In their study, the dye was used as a chromogenic reagent in a flow
injection system. The reaction between free chlorine and TMK gives a blue-colored quinodal
compound that can be observed by monitoring light absorbance at 640 nm. The use of this dye in
detecting chlorine gave a linear response from 0.2 to 1.0 mg/L (as Cl2).

Figure 4. 16

Structure TMK and its product after oxidation
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The main disadvantages of this method is its practicality. TMK is practically insoluble in water,
and even in some organic solvents it is sparingly soluble. The study used 2-methoxyethanol as a
solvent, but a very precise amount of solvent was necessary to mantain a stable absorbent
baseline and to prevent TMK from precipitating on the tubing. Another issue with this method is
the tendency of the blue-colored product to accumulate (i.e., adsorb) on the surface of the flow
cell. In terms of interferences, the study reported that the presence of Fe3+ ions might interfere
with the analysis. It was also reported that chloramines reacted with the dye and could not be
differentiated from free chlorine.
Phenylhydrazine. Two derivatives of phenylhydrazine have been studied for their ability
as dyes to be used in the colorimetric determination of chlorine. Verma et al. used 4nitrophenylhydrazine (4-NPH) as a reagent to determine chlorine by using a flow injection
analysis (FIA) system80. The reaction with free chlorine oxidizes the dye molecule forming 4nitrophenyldiazo cation, which will then form an azo-dye. In their study, the analysis was
performed by using 0.25 M HCl as a carrier along with 0.3% (w/v) N-1-naphtyl ethylenediamine. While the reaction between free chlorine species and the dye takes place immediately,
the reaction with chloramine species takes a much longer time. The detection limit of this dye in
the proposed FIA system was 0.03 mg/L, with a linear range from 0.05 to 1 mg/L (as Cl2).
Interferences when using 4-NPH are ClO2 and bromine, as these two species also oxidize the
dye. However, monochloramine reacts instantly with bromide ions and convert it into
bromamine. This reaction can be used to determine the concentration of monochloramine in a
sample by adding bromide ions into the sample before analysis. By subtracting the result of
analysis with bromide ion and without bromide ion, the concentration of monochloramine in the
sample can be calculated.

Figure 4.17

Structure of 4-nitrophenylhydrazine (4-NPH)

Another derivate of phenylhydyrazine that has been studied by Chaurasia and Verma for
chlorine determination is 2,4-dinitrophenylhydrazine (DPH)81. Free chlorine will oxidize the dye
into an ionic product, which is colorless. Thus, chlorine concentration in the sample can be
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estimated by measuring the decrease of absorbance at λ=360 nm. The detection limit is 0.05
mg/L, which is only slightly higher than with the other derivative. Analysis with this compound
has interferences by ClO2 and carbonyl compounds. The study mentioned that the dye could also
be utilized to detect chloramine species by doing analysis in two different acids as solvents, i.e.,
HCl and glacial acetic acid. However, the report did not provide a more detail on detection
mechanism, nor on the experimental procedures.

Figure 4.18

Structure 2,4-dinitrophenylhydrazine (DPH)

Indirect Colorimetric Method. Recent developments in nanotechnology have expand the
range of chemistries that can be used for the detection of chlorine in water. For example, the use
of manganese dioxide nano-sheets has been explored as a possible method for chlorine analysis
through indirect measurement82. The reaction between ascorbic acid and MnO2-NS results in the
loss of the yellow color of the nano-sheets. However, if ascorbic acid (AA) is mixed with the
sample before it is being exposed to the MnO2-NS, AA will be consumed by free chlorine,
leading to a more intense color compared to when there is no chlorine present in solution. The
difference in color intensity can be observed based on the absorbance of the sample at 370 nm,
and the concentration of chlorine will be proportional to the amount of AA being consumed.
Another material that has the potential to be utilized in chlorine detection through an
indirect measurement are gold nanoparticles (AuNP), as studied by Lu et al. and Zhang et al. 83,
84

. A solution of suspended AuNPs is red in color, and the concentration of AuNP in the solution

can be calculated by measuring light attenuation at 680 nm. However, addition of some
compounds can lead to aggregation of the AuNP, causing the color to change from red to blue.
Zhang et al. did their study based on the oxidation of 11-mercaptoundecanoid acid (MUA) by
OCl- 84. In their study, a concentrated phosphate buffer was mixed with AuNP, leading to the
aggregation of the AuNP through chemisorption. The presence of MUA prevents this
aggregation. However, if MUA is mixed with a sample that contains chlorine before it is being
added to the phosphate buffer, oxidation by chlorine will diminish the concentration of MUA,
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reducing the ability to stabilize the AuNP. Thus, mixing the reacted solution with AuNP in
phosphate buffer will give a purple to blue-colored solution instead of red. The light attenuation
of the solution at 650 nm is proportional to the quantity of the aggregated AuNP, whereas light
attenuation at 520 nm indicates the quantity of the dispersed AuNP in the solution. The
absorbance ratio between these two wavelengths then represent the degree of particle
aggregation and is proportional to the amount of chlorine that has oxidized the MUA before
being mixed with the AuNP solution. This method gives a detection limit of 0.53 mg/L (as Cl2).
Another method to measure chlorine concentration indirectly using AuNP was developed
by Lu et al.83. Addition of dithiothreitol (DTT) will lead to aggregation of the AuNP through the
formation of S-Au bonds, and change the color of the solution from red to blue. However, if
DTT is mixed with chlorine before it is added to the AuNP solution, the DTT will be oxidized by
OCl-, and the lack of DTT will prevent the formation of covalent bonds between the Au particles.
In this case, a subsequent mixing with the AuNP solution will give a purple to red colored
solution instead of a blue solution, depends on the amount of unoxidized DTT that remains in the
solution. The concentration of OCl- in the sample that has reacted with the DTT then can be
calculated by measuring the absorbance ratio at 665 nm and 520 nm. The absorption ratio
(A665nm/A520nm) is inversely proportional to the amount of chlorine in the sample.
Lou et al. have developed a chemosensor that can be used to measure chlorine
concentration indirectly85. This compound, which is referred to as Chemosensor 1 is prepared
from azobenzene. A solution of this chemosensor, with or without Cu+ ions, shows a maximum
absorption at λ=490 nm, visibly displaying a red color. Addition of chlorine will result in the
oxidation of Cu+ by OCl- forming Cu2+, and the absorption at 490 nm will decrease as the color
of the solution changes to pale yellow. This decrease is used to calculate how much Cu+ has been
oxidized, and the result is used to estimate the amount of OCl- in the sample. The limit of
detection by this method is reported to be as low as 1.4 mg/L (as Cl2).
Despite the promising low limit of detection from these methods, it has to be noted that
these methods need multiple steps in their application, limiting practicality. These methods often
require longer reaction times than the chemical methods described above. These methods are
also often sensitive to changes in pH, and are insensitive to combined chlorine.
Table 4.1 below summarized the dyes that have been discussed in this chapter as
chromogenic reagent for the determination of chlorine.
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Table 4.1 Reagents used for Colorimetric Determination of Chlorine

Reagent

Sensitivity (as mg/L Cl2)

Interferences

Ortho-tolidine40, 41, 49, 58, 86

 Detection limit = 0.2 mg/L
 Linear range = 0 – 3 mg/L

Nitrite ions,
manganese species,
organic compound

N,N"-bis(2,4-di-sulfobenzyl) tolidine
tetrasodium salt (SBT)59

 Detection limit = 0.05 mg/L
 Linear range = 0 – 2 mg/L

Not reported

Pyridine60

Not reported

Bromine

Additional Notes
 Reaction with chlorine produced orange-colored
compound (λmax = 437 nm)
 Can detect free chlorine and combined chlorine
through some kinetic discirimantion as reaction with
combined chlorine took longer time
 Need a specific pH to give an accurate result
 Addition of bis(2-ethylhexyl) sulfoccinate
compound can enhanced the stability of the blue
compound produced from the oxidation by chlorine
((λmax = 625 nm)
 The high toxicity of the reagent made the use of this
method is not encouraged, and it’s no longer listed
as one of the methods suggested by The Standard
Methods
 The SBT salt was synthesized from o-tolidine and
disodium benzaldehyde-2,4-disulfonate and did not
show any toxicity
 Only detect chlorine in the form of free chlorine
 Reaction with chlorine produced orange-colored
compound (λmax = 675 nm)
 Gives an optimum result at pH 5.2
 Gives a red-colored compound as the oxidation
product with chlorine
 The method used a highly toxic compound, cyanide,
as one of the reagent
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Reagent

Sensitivity (as mg/L Cl2)

Interferences

Para-aminodimethylaniline22, 61, 87

 Detection limit = 0.01 mg/L
 Linear range = 0 – 0.65 mg/L

Ferric ions, nitrite
ions, manganese
species, dissolved
oxygen,

Methyl orange23, 24, 62, 63

 Detection limit = 0.1 mg/L
(for colorimetric method)
 Linear range = 0 – 1.3 mg/L

Manganic manganese,
other halogen species,
ferric ions

Syringaldazine25, 43, 53, 64, 65

 Detection limit = 0.2 mg/L
(for colorimetric method)
 Linear range = 1 – 10 mg/L

Manganese, ferric ions

Additional Notes
 The reagent gives a purple-colored product when
reacts with chlorine (λmax = 510 nm)
 Can detect both free chlorine and chloramine, in
which free chlorine will react immediately while
reaction with chloramine species will take about 6-7
minutes to have the color fully develops
 Addition of potassium iodide and pH adjustment
can catalyze the reaction between the reagent and
chloramine species
 The reaction between methyl orange and chlorine
leads to a discoloration from the initially orangecolored solution, the loss of the color intensity can
be observed at λmax = 510 nm
 Can be done through micro-titration method or
colorimetric method
 The colorimetric method can detect free chlorine
and combined chlorine through kinetic
discrimination as combined chlorine species react in
a slower rate
 Low precision
 The pH of the sample needs to be maintained at
exactly pH 3
 Unstable reagent
 The dye only reacts with HOCl and not with
chloramine species, producing red-purple compound
(λmax = 540 nm)
 This reagent is insoluble in water and needs to be
dissolved in 2-propanol with some heating and
ultrasonic agitation
 Low stability of oxidation product
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Reagent

Sensitivity (as mg/L Cl2)

Interferences

Leuco Crystal Violet (LCV)49, 65, 66, 68

 Detection limit = 0.2 mg/L
(for colorimetric method)
 Linear range = 1 – 10 mg/L

Manganese, iron,
chlorine dioxide

Acid Yellow 1765, 69

 Detection limit = 0.05 mg/L
 Linear range = 0 – 1 mg/L

Chlorine dioxide

3,3’-5,5’-tetramethylbenzidine
(TMB)70, 71

 Detection limit = 0.002 mg/L
 Linear range = 0.02 – 1 mg/L

Iron, chromium,
vanadium

Ortho-dianisidine72-74

 Detection limit = 0.04 mg/L
 Linear range = 0.04 – 1 mg/L

Manganese, iron, zinc

Additional Notes
 The reaction between chlorine and LCV at acidic
pH (pH 4) will give a deep blue color (λmax = 592
nm)
 Both free chlorine and combined chlorine will react
with the dye. Addition of HgCl2 can decrease the
reaction rate between combined chlorine and the
dye
 The reagent is unstable and need to be kept in the
dark
 The reaction between this dye and free chlorine will
cause a discoloration from the initial yellow color
(λmax = 395 nm)
 The dye does not react with combined chlorine
 The reaction takes at least 5 minutes to react
completely with free chlorine in the sample.
 The reaction between this dye and free chlorine
gives a yellow-colored product (λmax = 450 nm)
 No information was provided on the chlorine
species (free chlorine or combined chlorine) that
reacts with this dye
 The pH has to be strictly maintained at pH 1 – 2
 The dye is insoluble in water and need to be
dissolved in DMF/water
 The dye will react with both free chlorine and
combined chlorine, giving a cyan-colored product
(λmax = 445 nm)
 The reaction between the dye and combined
chlorine takes place is a much slower rate than with
free chlorine
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Reagent

Sensitivity (as mg/L Cl2)

Interferences

Additional Notes
 The compound react with different chlorine species,
i.e.: HOCl, NH2Cl, ClO2 and ClO2-, giving a green
colored compound (λmax = 415 nm)
 A separate analysis for each of the species can be
conducted through kinetic discrimination and pH
adjustment
 Reaction between free chlorine with the dye
decreases the color intensity of the dye, which can
be observed at 610 nm
 Insensitive to combined chlorine
 Considering the high detection limit and the wide
linear range, probably more suitable to analyze
samples with a high chlorine concentration
 Reaction with free chlorine gives a blue colored
compound (λmax = 640 nm)
 The dye is insoluble in water, and need to be
dissolved in 2-methoxyethanol
 Cannot differentiate between free chlorine and
combined chlorine
 The dye reacts with free chlorine to produce a color
compound with a maximum absorbance at 532 nm
 The dye reacts with both free chlorine and
chloramine species, but the reaction between free
chlorine will take place immediately
 Reaction between the dye and free chlorine decrease
the color intensity of the dye, and can be observed at
360 nm
 This method can detect free chlorine and combined
chlorine separately by using different acid as the
medium, but no detailed information was provided

2,2-azino-bis(3ethylbenzothiazoline)-6-sulfonic
acid-diammonium salt (ABTS)75

 Detection limit = 0.01 mg/L
 Linear range = 0.07 – 0.7
mg/L

Bromine species (the
study did not report
any assessment of
interferences that
might come from other
oxidizing species)

Indigo Carmine77

 Detection limit = 2 mg/L
 Linear range = 2.6 – 51.8
mg/L

Amino acids

4,4’tetramethyldiaminothiobenzophenone
(Thio-Michler’s ketone, TMK)79

 Detection limit: unspecified
 Linear range = 0.2 – 1 mg/L

Ferric ions

4-nitrophenylhydrazine (4-NPH)80

 Detection limit: 0.03 mg/L
 Linear range = 0.05 – 1 mg/L

Chlorine dioxide,
bromine species

2,4-dinitrophenylhydrazine (DPH)81

 Detection limit: 0.05 mg/L
 Linear range = 0.1 – 10 mg/L

Chlorine dioxide,
carbonyl compounds
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4.4

Chemiluminescence and Fluorescence Methods
In conventional colorimetric methods, the intensity of the colored product is measured by

comparing the color directly to a certain color standard, or by measuring the absorbance with a
spectrophotometer. A number of recent studies have investigated the development of
fluorescence and chemiluminescence methods. In a fluorescence method, instead of directly
measuring the absorbance of a solution at a certain wavelength, the sample is exposed to
generally UV light to excite the probe molecules into a higher energy state. The molecules
decay back to the lower energy level (i.e., ground state) by emitting photons that can be detected
in all directions spectrophotometrically. Chemiluminescence also involves excitation of
molecules into a higher energy state, however instead of excitation through photon absorption,
the excitation of the molecules takes place by chemical reaction.
Chemiluminescence. Chemiluminescent reactions involving chlorine have been
investigated as early as the 1920s, however the study to explore chemiluminescence as a method
to measure chlorine concentration has just been developed in the last three of four decades. In
their paper, Gordon et al. have highlighted that due to the unique color emitted from this type of
reaction, chemiluminescence had the potential to be developed as a facile method for the
determination of chlorine concentration88. One of the earliest studies on the chemiluminescent
reactions involving chlorine was reported by Mallet in the 1920s89. Upon addition of hydrogen
peroxide to a chlorine containing solution, Browne and Ogrylzo confirmed that the
chemiluminescence signal was due to collision between two singlet oxygen molecules that emit
radiation at 635 nm90. The proposed mechanism of the reaction between chlorine with H2O2,
where singlet oxygen molecules are produced is as follows:
𝐻2 𝑂2 + 𝑂𝐶𝑙− → 𝐻2 𝑂 + 𝑂𝑂𝐶𝑙 −

(4.7)

2 𝑂𝑂𝐶𝑙 − → 2 𝐶𝑙 − + 2 𝑂2 ( 1∆𝑔 )

(4.8)

2 𝑂2 ( 1∆𝑔 ) → 2 𝑂2 ( 3𝛴𝑔 ) + ℎ𝜗

(4.9)

One of the earliest attempts to utilize chemiluminescence as a method to measure
chlorine was reported by Isacsson, who studied the chemiluminecent reaction between free
chlorine and luminol, in the presence of H2O2 in the system91. Further studies about
chemiluminescence as a method to measure chlorine were conducted by Marino and Ingle, who
used luminol in borate buffer to measure the concentration of OCl- in water89. This method is
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claimed to have a better detection limit for measuring chlorine compared to the conventional
DPD method. A further study on this method used H2O2 to enhance the selectivity by minimizing
interferences from chloramine species92. Despite its better sensitivity, this method works over a
very narrow pH range. An optimum result is achieved at pH 11, however is the pH is below 9,
the chemiluminescence signal is attenuated, decreasing the accuracy of the method.

Figure 4.19

Structure of luminol

Szili et al. have attempted to immobilize poly(luminol) onto indium-tin-oxide slabs as a
sensor to measure the concentration of hypochlorite through the chemiluminescence signal93.
This modification provides a sensor with a longer storage time, with a detection limit of 3.55
mg/L (as Cl2), however gives a poor result when it is used to measure samples with high chlorine
concentrations (> 70 mg/L). Moreover, this sensor gives a low reproducibility, as it is highly
sensitive to shifts in pH.
In addition to luminol, some other compounds have been studied as possible reagents to
measure chlorine through chemiluminescence. Yamada et al. have studied the use of some dyes
(eosin Y, eosin B, pyronin B, Rhodamine 6G) to explore their potentials to be used in
chemiluminescence detection of chlorine94. Based on the result of their studies, each dye will
give an optimum chemiluminescence signal at a specific pH value. Among the dyes studied,
pyronin B and Rhodamine 6G (R6G) were recommended to be used in chemiluminescence
detection of chlorine, as they can be used in unbuffered systems. Compared to H2O2 and luminol,
these dyes have shown greater selectivity and sensitivity in measuring OCl-. However, it should
be noted that the accuracy of chemiluminescence when these dyes are used is highly dependent
on other factors, such as the water chemistry and mixing methods. Analyses using these reagents
are sensitive to pH changes, and most of the reagents need constant heating to ensure a complete
reaction with chlorine. Another concern regarding the use of these dyes is their limited solubility
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in water. Some of these dyes require the presence of an organic solvent for them to dissolve at
the required concentration.
Further research about the use of dyes in chemiluminescence detection of chlorine was
carried out by using R6G in a flow injection system95. Acetonitrile was used as a modifier as it
can increase the chemiluminescence signal up to ten folds. The study reported that chloramine
species did not show any response in this method, implying a selectivity of this method for
determining free chlorine only.

Figure 4.20

Structure of Rhodamine-6-G

For a more practical application, some studies have been conducted to modify reported
chemiluminescence methods. For example, the use of chemiluminescence strips made from
uranine that were impregnated onto anionic cellulose has been studied by Claver et al.96.
Nevertheless, despite its convenience to be used in field analysis of chlorine, the accuracy of this
method is highly affected by pH and ionic strength. Gord, et al. have reported the integration of a
chemiluminescence method with a gas-diffusion flow injection analysis method to measure free
chlorine97. This integration offers not only a better sensitivity, it also minimizes the interferences
from a number of ion species, including some metal ions.
A more recent development in chemiluminescence methods involves the utilization of
quantum dots to produce the chemiluminescence signal from reaction with chlorine. Hallaj et al.
synthesized graphene quantum dots (GQD) from glucose through a pyrolysis technique98. To
enhance the chemiluminescence signal being emitted, cetyl trimethyl ammonium bromide was
added as the QD were being synthesized. They reported that a fast response was acquired (< 1
second) and the QD showed a satisfactory sensitivity with a detection limit as low as 0.21 mg/L
(as Cl2). However, this method is still highly pH-dependent, showing optimum performance at
pH 8. The chemiluminescence signal from the QD at different pH values indicated that the GQD
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showed a better sensitivity towards HOCl as the chlorine species. Once the pH went higher than
8, the signal decreased, indicating that the GQD was not so sensitive to OCl-.
A different kind of quantum dot that has been studied for its use to measure chlorine are
zinc-oxide quantum dots (ZnO-QD), in which APTES was used as a modifier to enhance the
chemiluminescence signal99. Chlorine is reduced to chloride by gaining electrons from the ZnOQDs, decreasing the luminescence signal emitted by the dots. This material gave a lower
detection limit (0.03 mg/L), and gave a satisfactory result over a wide range of pH (from pH 4 to
pH 11). Nevertheless, this modified QD method takes a longer reaction time to give an optimum
signal. The study reported that it took at least 60 seconds before a stable chemiluminescence
signal was obtained.
Fluorescence. In fluorescence methods, the concentration of a compound is estimated by
observing the intensity of the fluorescence signal emitted by a fluorescent probe after the probe
is reacted with the compound. In general, there are two different kinds of fluorescent probes: (1)
Quantum Dot (QD) probes, which are made from various nanomaterials (ranging from carbon
dots to metal nanoclusters), and (2) probes made from organic compounds (for example, those
made from organic dye molecules or those that are of biological origin). To detect chlorine, the
fluorescent probe usually has one or more functional groups that will react with chlorine species.
These functional groups often are referred to as recognition groups. The product of the reaction
between chlorine and the probe can either emit a radiation at a certain wavelength when exposed
to light, or no longer show the fluorescence signal. For the latter case, the amount of chlorine is
calculated based on how much of the fluorescence signal is quenched compared to before the
probe was exposed to chlorine. If the presence of chlorine increases the fluorescence activity of
the probe, the probes are referred to as having a “turn-on” mechanism. On the other hand, if the
presence of chlorine quenches the fluorescence signal, then the probe is said to have a “turn-off”
mechanism.
Probes that are prepared from QDs or soluble molecular materials have their own
advantages and disadvantages. Resch-Genger et al. have summarized the general difference
between these two types of probes in terms of their physicochemical properties100. Some of the
properties that they reviewed were the size of the QD particles, solubility of the molecular
probes, absorption (or attenuation) spectra, molar absorption coefficients, and quantum yields.

70
One of the properties that highly affects the use of these probes is their solubility (for
molecular probes) or dispersibility (of QDs) in water. The average diameter of QD is 1-6 nm,
and the dispersibility is dependent on surface characteristics. The dispersibility of QD can be
enhanced by using surfactants to better disperse them, decreasing aggregation. Probes that are
molecular, on the other hand, are naturally smaller in size (~0.5 nm) compared to QD particles.
But not surprisingly, many of these probes are not very soluble in water, as their solubility
depends on their structure and the type and number of functional groups. Low solubility in water
is a real concern when the probes are intended to use for a routine environmental analysis in
determining chlorine concentrations in water.
QD Probes. Probes that are prepared from carbon and non-organic nanomaterials are
usually turn-off types of probes. These probes show fluorescence activities with a certain
excitation and emission wavelength, and the presence of chlorine will oxidize the surface of the
materials, quenching the fluorescence signal. A simple illustration of how these nanomaterials
work as fluorescent probes is shown on Scheme 4.1 below.

Scheme 4.1 Schematic illustration of turn-off mechanism of QD probes in chlorine detection
One of the first nanomaterials that has been studied as a fluorescent probe to detect
chlorine are carbon based nanomaterials. A number of studies have reported the use of carbon
dots, prepared from various materials with different types of surface modifications for detecting
chlorine species. These probes show fluorescence signals at certain wavelengths after being
exposed to light, and reaction with chlorine species quenches this florescence signal. Dong et al.
were among the first to report the use of graphene quantum dots (GQD) as a fluorescent probe to
detect chlorine101. The graphene dots were prepared by pyrolyzing citric acid as the carbon
source, and the dots showed a fluorescence signal at λem = 460 nm under excitation at λex = 362
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nm. The presence of chlorine species significantly quenches the fluorescence signal, as chlorine
oxidizes the surface of the graphene layer. The optimum experimental pH is 8, as this is the pH
where the GQDs show the strongest intensity in the fluorescence signal. At this pH,
approximately one-third of the free chlorine exists as HOCl. This GQD probe has a detection
limit of 0.05 μM with a response time less than 1 minute. However, this probe is susceptible to
interferences from other strong oxidizing agent, such as KMnO4, K2CrO4, and peroxides.
Modification of carbon nanoparticles to improve their performance as fluorescent probes
in detecting chlorine can be achieved by doping other atoms into the carbon dot structure. For
example, carbon dots (CDs) which were co-doped with nitrogen and sulfur showed better
fluorescence activity compared to pure carbon dots, implying that these modifications can lead to
better fluorescent probes102. Based on this information, a fluorescent probe was developed from
citric acid and L-cystein in the synthesis of carbon dots which were co-doped with nitrogen and
sulfur103. The probe showed fluorescence activity with a maximum excitation wavelength at 345
nm and an emission wavelength at 420 nm. Presence of chlorine significantly quenches the
fluorescence signal, and the quenching was directly proportional to the concentration of chlorine
in the sample. Under optimum conditions (pH = 5, regulated by using a phosphate buffer) this
probe give a detection limit of 3.55 × 10-4 mg/L, which is quite significantly lower than the
detection limit given by pure carbon dots. However, this probe needs a longer reaction time, as
the study reported 10 minutes as an optimum reaction time.
Another study on the modification of carbon dots by doping nitrogen has been reported,
where the N-doped CDs were synthesized from sodium citrate and ammonium nitrate through a
hydrothermal process104. This probe shows fluorescence activity with a maximum excitation
wavelength at 360 nm and a maximum emission wavelength at 448 nm. Presence of chlorine
species quench the fluorescence signal, with HOCl being a more dominant reactant in quenching
the fluorescence signal. These N-doped carbon dots had a higher quantum yield (32.4%)
compared to pure carbon dots (1.8%). A higher intensity of the fluorescence signal was obtained
at near neutral pH, and the intensity dropped quite significantly as the pH was lowered. This is
probably because at lower pH values, the particles start to aggregate, reducing their ability to
emit the fluorescence signal. Doping nitrogen into the carbon dots also improved sensitivity, as
the N-doped CD has a limit of detection of 1 nM when used to detect chlorine. In addition to
better sensitivity, these N-doped CDs also shows better selectivity, as a number of reactive
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oxygen species and reactive nitrogen species, such as H2O2, •O2-, NO3-, and NO2-, did not result
in significant quenching. There was also no quenching detected when the probe was tested with
some metal ions.
Another modification of carbon dots by nitrogen doping was reported by Lin et al.105.
The fluorescent probe that they developed was prepared from citric acid monohydrate, L-tartaric
acid and ethanediamine. Instead of being synthesized in a hydrothermal process, this probe was
prepared using oleic acid as the medium. The N-doped CDs showed fluorescence activity at a
maximum excitation wavelength of 360 nm, with emission at 460 nm. This probe gave a better
result at lower pH. The reaction time was less than 1 minute, and the limit of detection was
reported to be 0.002 mg/L (as Cl2).
Guo et al. incorporated nitrogen into carbon dots by modifying the synthesis process,
where carbon nitride nanoparticles (CNNPs) were prepared from tartaric acid and urea through a
one-pot solvothermal method106. Under excitation at 350 nm, this fluorescence probe emits a
fluorescence signal at 460 nm, which is quenched by chlorine. Compared to the other carbon
dots that have been utilized as fluorescent probes, the fluorescence activity of these CNNPs does
not seem to be highly sensitive to pH changes. The probe also shows negligible quenching when
exposed to other ions, implying good selectivity for detection of free chlorine. The limit of
detection of this probe is 0.9 × 10-3 mg/L, with a working range of 0 to 2.1 mg/L.
Another modification to enhance the performance of carbon nanoparticles for detection
of chlorine is by mixing them with ortho-phenylydiamine (oPD)107. When mixed with oPD, the
carboxyl groups on the surface of the graphene quantum dots (GQD) will form a covalent bond
with the amino group of oPD. As this modification changes the surface of the GQD, the
absorption spectrum also shifts. The oPD-GQD shows fluorescence activity with a maximum
excitation and emission wavelength at 440 and 550 nm, respectively. The modification with oPD
also improves the quenching activity of the GQD, leading to a lower limit of detection. The study
reported that oPD-GQD have a limit of detection of 0.005 mg/L. Despite the low limit of
detection, this probe still suffers from interferences from strong oxidizing agents, such as
manganese dioxide and chlorine dioxide.
Besides carbon, other nanomaterials have been explored for their potential to be used as
fluorescent probes in chlorine detection, including metal nanoclusters. Aluminum and copper are
among the metals being explored as fluorescent probes108, 109. Despite the limited availability and
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the expensive price, gold and silver had also been studied as potential materials for use as
fluorescent probes110.
Tang et al. reported the use of copper nanoclusters (Cu-NP) as fluorescent probes to
detect hypochlorite108. Using copper (II) acetate as the source of copper, the Cu2+ ions were
reduced into copper nanoclusters by using formaldehyde. The Cu-NPs showed fluorescence
activity with λex at 350 nm and λem at 430 nm. When exposed to chlorine, the hypochlorite ions
oxidize the Cu-NPs forming soluble Cu2+ ions, and therefore, decrease the signal emitted by the
probe nanoparticles. The signal quenching is proportional to the concentration of chlorine that
oxidizes the Cu nanoparticles. The optimum condition for using this probe is a pH of 6 at a CuNP concentration of 3 μM. This fluorescent probe has a limit of detection of 0.007 mg/L, and has
a linear working range of 0.071 to 2.13 mg/L. One thing that should be a matter of concern is the
relatively long reaction time. At least 10 minutes was needed to ensure a complete reaction
between the nanoparticles and the hypochlorite ions in the sample.
Another metal explored for designing fluorescent nanoparticle probes is aluminum. Lu et
al. used aluminum as one of the main components in synthesizing metal-organic nano-plates,
that were highly fluorescent109. This probe was prepared from AlCl3.6H2O as the sources of Al3+
ions. The aluminum salt was mixed with 2-amino-1,4-benzenedicarboxylic acid and urea
through a modified hydrothermal procedure. The result, NH2-MIL-53 (Al) was a nano-plate
material that was thermally stable up to 280°C, and most importantly showed a high
dispersibility in water which is an advantage over other metal-organic probes. This probe showed
fluorescent activity with λex at 335 nm and λem at 435 nm. The fluorescence signal emitted by this
probe decreased significantly in the presence of chlorine. Fluorescent did not seem to be highly
affected by pH, showed stable readings within the pH range of 5 to 10. The probe had a
considerably wide range of detection, from 0.003 to 1.065 mg/L, and the limit of detection was
0.002 mg/L. It should be noted that the presence of Hg2+ and Fe3+ gave considerable interference.
Another major drawback is the relatively long reaction time. The study also reported some
fluorescence signal recovery after the probe came in contact with chlorine. It was suggested that
measurement be reported after 2 to 5 minutes of reaction time.
Zhang et al. explored the use of the gold and silver nanoclusters (Au-Ag NCs) as
fluorescent probes to measure free chlorine111. To prepare the bimetallic nanoclusters,
HAuCl4.3H2O and AgNO3 were used as the sources of the metal ions, while bovine serum
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albumin (BSA) was used as a reducing agent and also as a stabilizer of the nanoclusters. The
bimetallic nanocluster showed fluorescence with emission at λ = 610 nm upon excitation at λ=
360 nm. The presence of chlorine oxidized the surface of this material, quenching the
fluorescence signal. When the concentration of the chlorine was 1.42 mg/L, almost all of the
fluorescence signal was quenched. The probe could detect chlorine at concentrations as low as
0.006 mg/L, which is much lower than measurements using pure carbon quantum dots.
Nevertheless, considering that this probe is prepared from noble metals, the economic feasibility
of using this probe for a routine chlorine analysis remain an issue.
Molecular Organic-Based Fluorescent Probes. While most of the fluorescent probes
made from carbon and non-organic nanomaterials work with a turn-off mechanism, fluorescent
probes that are made from organic molecules can detect either through a turn-on or a turn-off
mechanism. The chlorine species react with the recognition group of the probes, producing
chloride. This initial reaction is generally followed by a hydrolysis reaction, a deprotonation
reaction, or an elimination react that alters the characteristics of the FL signal emitted by the
probe. Scheme 4.2 shows an illustration of the mechanism of an organic-based fluorescent probe
works in detecting chlorine as summarized by Zhang, Liu and Zao55.

Scheme 4.2 General mechanism of organic-based fluorescent probe in detecting chlorine

Zhang et al. have already reported a quite extensive review about various organic
compounds that have been proposed for use as fluorescent probes for the detection of chlorine
species55. In their review, they have categorized these organic-based probes based on the
recognition group of each probes. Their review was mainly focusing on how the recognition
group of each probes interacts with chlorine species, and how the reactions that takes place
between the probes and the chlorine species affect the fluorescent activity of the probes.
However, they did not include some vital information about the probes in their reports, such as
the excitation and emission wavelengths, detection limits, and what species interfere with the
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analysis. Table 4.2 below presents some of the organic-based fluorescent probes that have been
reviewed in the report by Zhang et al., along with some additional information.
As can be seen, an advantage of some of the molecular fluorescence probes is a very low
detection limit compared to conventional colorimetric methods. However, the fact that most of
the organic probes are insoluble in water remained to be one of the limiting factor in their use for
typical drinking water type analyses. It is worth noting that most of the organic probes that have
been studied are proposed for use in bio-imaging studies or for detecting chlorine in living cells.

76
Table 4.2 Some Examples of Organic-Based Fluorescent Probes

Compound

Recognition
Group

Fluorescence
Activity

Limit of
Detection (mg/L
as Cl2)

HySOx, a thiol analogue of
hydroxymethyl-tetramethylrhodamine112

Chalcogenide

Turn-on mechanism
λex = 552 nm
λem = 575 nm

Not reported

HCSe, prepared from diphenyl
diselenide and o-bromobenzaldehyde
with the presence of dithiothreitol113

BODIPY (borondipyrromethene)

Turn-on mechanism
λex = 510 nm
λem = 526 nm

0.566 × 10-3

Compound 1, prepared from 1pyrenecarboxaldehyde with 1,3propanedithiol114

Chalcogenide

Turn-on mechanism
λex = 340 nm
λem = 457 nm

0.065 × 10-3

NI-Se115

Chalcogenide

Turn-on mechanism
λex = 488 nm
λem = 523 nm

0.04

1 (N-benzoyl rhodamine B-hydrazide)116

Acylhydrazine

Turn-on mechanism
λex = 520 nm
λem = 578 nm

0.192

Probe 1, a phenanthrol-imidazole dye
with an oxime protection group117

Hydroxylamine

Ratiometric probes,
λex = 394 nm
quenching emission at
λem = 439 nm but
increasing emission at
λex = 509 nm

Not reported

Additional Notes
 only detected HOCl, unresponsive to
OCl needs to be dissolved with 0.10%
DMF as a co-solvent
 optimum at pH 7.4
 soluble in a mixture of H2O:CH3CN
(99:1)
 pH range: 5.5-8
 FL signal decreased significantly at pH
> 8, implied that the probe only
detected HOCl
 Insoluble in water, needed to be
dissolved in 50% acetonitrile
 Interfered by Hg2+ and Fe3+
 Detecting HOCl
 H2S and thiol can interfere with the
analysis
 pH range = 4-9
 Detecting OCl Works at pH 12
 Insoluble in water, needed to be
dissolved in 30% (v/v) THF
 Reaction time = 30 minutes
 Detecting OCl A ratiometric probe, chlorine
concentration is estimated based on
A439/A509
 Optimum at pH 9
 Needed to be dissolved in DMF
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Compound

Recognition
Group

Fluorescence
Activity

Limit of
Detection (mg/L
as Cl2)
3.05 × 10-3

INCN, (3-butyl-1-chloroimidazzol [1,5α] pyridine-7-carbaldehyde reacted with
2-hydrazinylpiridine)118

Hydrazone

Turn-on mechanism
λex = 390 nm
λem = 480 nm

CDH, (a carbazole diaminomaleonitrile
hybrid)119

Hydrazone

Ratiometric probes,
λex = 316 nm
quenching emission at
λem = 376 nm but
increasing emission at
λex = 456 nm

0.08

9-AEF, (9-anthryl)ethenyl-ferrocene120

C=C

Turn-on mechanism
λex = 360 nm
λem = 441 nm

0.02

PMOPP, a derivate of p-methoxyphenol

p-methoxyphenol

Turn-off mechanism
λex = 320 nm
λem = 388 nm

0.06

Additional Notes
 Detecting OCl pH range = 6.0-8.5
 soluble in EtOH/H2O (1:9 v/v)
 Detecting OCl A ratiometric probe, chlorine
concentration is estimated based on
A376/A456
 Reaction time < 1 minute
 Interfered by Fe3+, I-, H2O2
 Slightly insoluble in water
 Completely dissolved in a
CH3CN/H2O (4:6 v/v)
 Detecting HOCl
 Had to be dissolved in 50% THF
 Slightly interference by MnO4 Optimum at pH 7.4
 Detecting OCl The color change after addition of
chlorine was visible, from colorless to
yellow
 Water-soluble
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4.5

Instrumental Methods
Asides from the common colorimetric methods, the concentration of chlorine can be

determined by several instrumental methods. Chlorine detection by instrumental methods is
particularly useful when a continuous determination of chlorine is preferred. Chlorine analysis
using instrumental methods often means that less reagent is needed in the analytical procedure,
reducing chemical waste. Direct spectrophotometric determination of chlorine is possible at high
concentrations, and is based on light absorption by HOCl and OCl- at 234 and 292 nm,
respectively. These two different wavelengths at which HOCl and OCl- display maximum light
absorption enables determination of each species when all other light absorbing species are
known to be absent. Zimmerman and Strong have reported the absorption spectra and the molar
absorptivities (ε) of some chlorine species121. The ε values that they have reported are presented
in Table 4.3. An excellent figure that showed how pH affected chlorine speciation and its
absorption spectra have been presented by Johnson and Melbourne122.

Table 4.3
λ (nm)

Molar Absorptivity of Chlorine Species121
Molar Absorptivity (ε)
HOCl

Cl2

Cl3-

253.7

59.0  0.4

5.0  0.5

3311  78

288.5

27.0  0.2

26.3  0.2

180.4  1.7

325.0

11.0  0.2

75.3  0.3

192.9  5.0

A modification in the direct spectrophotometric determination of chlorine was proposed
by Aoki and Munemori123. They suggested incorporation of poly(tetrafluoroethylene) (PTFE)
into the injection system that would flow into a UV detector. In the system that they proposed,
microporous PTFE was used for the inner tube of the flow system, whereas the outer tube was
made from PTFE. As molecular chlorine could go through the microporous PTFE tube and the
other oxidants could not, this modification offered selectivity in determining chlorine
concentration. After permeating the inner tube of the system, molecular chlorine was then
converted to OCl- through dissolution in NaOH. The concentration of OCl- was then calculated
based on absorption at 290 nm. The conversion to OCl- was performed because it was the most
appropriate species for detection within the UV range (compared to HOCl). Because this species
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has a maximum absorption at 290 nm, its measurement is less susceptible to interference from
nitrite. This modification gave a detection limit of 0.142 mg/L. Despite the better selectivity that
this method offers, this method requires approximately 3 minutes for a 98% response.
Mouaziz et al. have also proposed a modification to measurement by direct
spectrophotometry in which they modified the set-up of the light detector124. In their study, they
incorporated a fiber-optic based detector to monitor the concentration of chlorine in the sample.
The measurement takes place in two stages, where in the first stage all free chlorine is converted
to OCl- by increasing the pH by addition of sodium sulphite. Chlorine concentration is calculated
based on light absorption at 290 nm. The second stage in this method measures the signal
coming from interfering species in the sample, by reducing the OCl- ions into chloride. The Clions do not absorb at 290 nm, and thus, this second stage aims to increase the accuracy of this
method. Compared to the previous modification proposed by Aoki et al., this method has a
faster response time, taking only 20 seconds. However, the sensitivity of this method is less than
that proposed by Aoki et al., as this method has a detection limit of 0.1 mg/L, with a linear
working range of 1 to 20 mg/L.
Another modification was offered by Kasik et al., who focused on modifying an optical
fiber sensor connected to the spectrophotometer instrument125. In their study, they modified the
optical fibers by coating indium-tin-oxide (ITO) onto the fibers, which was then followed by
applying a layer of o-phenylenediamine (o-PDA) through cyclic voltammetry. This modification
successfully increased the sensitivity of the method by lowering the detection limit to 0.14 mg/L.
However, the result of the study did not report any possible interferences that might affect the
accuracy of this method.
Instead of modifying the detector, Belz et al. modified the spectrophotometric method by
optimizing the optical source of the instrument126. The research explored the use of a broadband
UV-Vis deuterium (D2) discharge as the light source of the instrument, along with a new design
of the optical transmission fibers. The concentration of chlorine, determined as OCl-, was
measured by light absorption at 290 nm, and as HOCl at absorption at 233 nm. The limit of
detection given by this proposed system was 0.2 mg/L and 0.6 mg/L for OCl- and HOCl,
respectively. This customized method seems to offer an enhancement in terms of sensitivity.
In addition to UV-Vis spectrophotometric methods, other types of spectroscopic methods
have been proposed for measurement of chlorine. For example, Dmitrienko 127 et al. studied the
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use of diffusive reflectance spectroscopy by observing the change in the diffuse reflectance
spectra of polyurethane foam (PUF). When a tablet made of PUF came in contact with a solution
that contains free chlorine, the toluidine group on the surface of the PUF would react with free
chlorine, changing the colorless solution into a yellow-colored one. The concentration of
chlorine was determined by calculating the Kubelka-Munk function based on the diffuse
reflectance of the PUF tablet at 380 nm, before and after coming in contact with the sample. To
have an optimum result, a contact time of 15 minutes between the PUF tablet and the sample was
needed, where 0.1 M H2SO4 was used as the medium. This method showed a relatively high
tolerance towards the presence of some common interfering species, but sodium nitrite and iron
(III) chloride showed serious interferences. The report of this study did not explicitly stating the
detection limit of this method, but it was stated that the linear working range of this method was
0.2 to 6 mg/L. The method did not use any toxic reagents, but since reflectance spectroscopy
itself is not the most common method of analysis in a regular lab, the feasibility of this method to
be used as a routine analysis method might be questionable.
Chromatographic methods frequently have been used to measure the concentration of
chlorine species in water. Among the different kinds of chromatographic methods, HPLC and
GC are some of the chromatographic methods that have been explored for their use in chlorine
detection. Sarudi and Szabo used gas chromatography to determine the concentration of chlorine
in drinking water, using an electron capture detector128. The measurement involved a number of
steps. In the first step, KBr was added into the sample, in which the bromide ions would be
oxidized by the free chlorine species in the sample, releasing bromine. The next step was the
reaction between bromine and acetone which would produce propanone derivates, and these
derivates were extracted with toluene. The extracted product was then analyzed by GC analysis.
This method is highly sensitive with a detection limit of 0.02 mg/L. However, this method
suffered from interferences from other strong oxidizing agent, and thus is lacking in selectivity.
In addition, the measurement involved a series of complicated steps and uses toxic reagents,
which decreased the practicality.
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Shin had studied the use of liquid chromatography (LC) to determine not just the
concentration of chlorine, but also the concentration of bromine and ozone in water21. In his
research, 2-6-dimethyl phenol (2,6-DMP) was added into the sample that contained either
chlorine or bromine species. The reaction formed 4-halo-2,6-dimethylphenols rapidly. The
chlorine and bromine derivatives have different retention times when analyzed by HPLC, and
thus, each can be measured simultaneously. This method also can be used to measure the
concentrations of ozone and hydrogen peroxide by adding iodide ions. Reaction between ozone
or hydrogen peroxide with iodide oxidizes the iodide forming iodine, which in turn reacts with
2,6-DMP producing another halide derivative. The retention time for each of the halide
derivatives reported in the study are presented in Table 4.4.

Table 4.4 Retention time for each halide derivatives21
Halide Derivate

Retention Time
(minute)

4-chloro-2,6-dimethyl phenol

5.64

4-bromo-2,6-dimethyl phenol

7.80

4-iodo-2,6-dimethyl phenol

10.29

An important note is that the iodide also reacts with chlorine and bromine in a solution.
Thus, a kinetic discrimination is an important aspect in the overal analysis if ozone is one of the
species that is being determined. The addition of iodide needs occur at least 5 minutes after the
addition of 2,6-DMP to ensure that all the chlorine and bromine species have reacted with the
reagent. At room temperature, a total reaction time of 20 minutes is needed when ozone is being
analyzed. This method has a detection limit of 2.0, 3.0, and 4.0 μg/L for chlorine, bromine, and
ozone, respectively. These are considerably lower than the detection limits of most colorimetric
methods.
In addition to free chlorine, monochloramine can be detected by HPLC methods. Kinani
et al. studied the use of HPLC-MS to determine the concentration of monochloramine in
water129. In this method, the derivation of monochloramine into indophenol was accomplished
based on the Berthelot reaction. The indophenol compound formed from the reaction is the
species detected in the method. The limit of quantification of this method was 4 × 10-5 mg/L,
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which was far better than the conventional DPD method. However, considering that this method
involves complex procedures and toxic reagents, this method does not seem to be the most
suitable one to be used for routine analysis.
Gas chromatography (GC) methods also have been utilized to determine the concentration
of chlorine in water. One of the earliest studies that explored the use of GC to determine chlorine
concentration in water was performed by Wakigawa et al.130. In their research, they compared
three different derivatization agents to detect free chlorine: cyclohexene, 4-phenyl-1-butene, and
styrene. Among the three reagents, styrene gave the best result in terms of its selectivity. The
reaction between styrene and HOCl is shown on Figure 4.22. The derivatization product was
extracted by using chloroform. Since the derivatization agent reacts with HOCl specifically, the
reaction was conducted at pH 5 where most of the chlorine exists as HOCl. At this pH, the
derivatization reaction was complete within 30 seconds.

Figure 4.22

Reaction between styrene and free chlorine

By using GC-MS (mass spectrometry), the chlorinated product showed a molecular ion
peak at m/z = 107. The study reported that possible interference might come from ammonium
chloride, alanine, and ascorbic acid. Other compounds tested in this study for their possible
interferences included MgCl2, sucrose, furmaric acid, citric acid, and benzaldehyde. The limit of
detection for this method was 10-4 mg/L, with a linear working range of 0.02 to 100 mg/L.
Mass spectrometry also can be used directly in the measurement of chlorine without
chromatographic separation or derivatization. For example, Shang and Blatchley developed the
use of membrane introduction mass spectrometry (MIMS) to determine not only the
concentration of free chlorine species, but also the concentration of chloramine species131. The
performance of this method is determined by a number of factors, including the temperatures of
the membrane and ion source, and the set-up of the flow system. Based on the results of the
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study, the conditions that gave an optimum result were as follows: glas flow rate = 0.459
mL/min; liquid flow rate = 0.9 ml/min; membrane temperature = 70°C; ion source temperature =
156°C. With these settings, the system has a response time of 2 minutes. On one hand, this
method is relatively simple, as it does not involve complicated derivatization reaction or
extraction steps. It offered a better selectivity in determining chloramine species compared to
conventional DPD methods, and reasonably better sensitivity. The major limitation is the
detection limit of free chlorine at 0.1 mg/L. The detection limits for monochloramine,
dichloramine and trichloramine are 0.1, 0.02, and 0.06 mg/L, respectively. On the other hand,
this method relies heavily on accurate and specific m/z ratio response to determine each species.
Thus, in a complex sample, interferences may come from compounds that have similar m/z
signals as the chlorine species under investigation.
4.6

Electroanalytical Methods
Another common general class of methods for chlorine detection are electroanalytical

methods, which is based on the redox properties of the chlorine species. The reduction reactions
involving free chlorine species may be written as,
𝑂𝐶𝑙 − + 𝐻 + + 2𝑒 − → 𝐶𝑙 − + 𝑂𝐻 −

(4.10)

𝐻𝑂𝐶𝑙 + 2𝑒 − → 𝐶𝑙 − + 𝑂𝐻 −

(4.11)

In chlorinated water, these free chlorine species are the dominant reactive oxidized species, and
hence are susceptible to facile reduction electrochemically. As a result, electrochemical
reduction generally requires no special reagents, and the required instrumentation consists of a
specialized electronic meter and a set of electrodes. This method is particularly useful when a
continuous monitoring is desirable. There are many studies that have explored the use of
electroanalytical methods for chlorine analysis. In general, these methods can be categorized as
either potentiometric or amperometric.
Potentiometric Methods. Standard Methods listed potentiometric titration as one of the
options available for the routine analysis of chlorine, which is referred to as the “Iodometric
Electrode Technique”29. The analysis is based on the reaction between HOCl with iodide that
produces iodine. The iodine is then titrated with a standard sodium thiosulfate solution, where
the potential difference is monitored as a function of the volume of the titrant added. The
reactions that occur before and during the titration are as follows:
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𝑂𝐶𝑙 − + 2𝐼 − + 2𝐻 + → 𝐶𝑙 − + 𝐼2 + 𝐻2 𝑂

(4.12)

𝐼2 + 2𝑆2 𝑂32− → 2𝐼 − + 𝑆4 𝑂62−

(4.13)

As an improvement to the method reported in Standard Methods, Gonzaga and Cordeiro
suggested automating the titration by using an automated burette to ensure more accurate
analyses132.
Kato et al. attempted to modify the potentiometric method by developing new sensors. In
their research, they studied the performance of pure metals (i.e., platinum, iron, and aluminum)
and commercial alloys (stainless steel) for use as electrode materials133. The result of their study
indicated that platinum and the stainless steel alloy gave the most satisfying result in terms of
sensitivity. According to the study, using a pair of electrodes made from these materials allows
for a more compact and economical system. However, the study reported that this change alone
had an insignificant impact in the accuracy of the result. Both platinum and the stainless steel
alloy had a lower response when the pH was increased. The report also remarked the need for
further research on methods to improve the long-term stability of the electrodes.
Voltammetry and Amperometric Methods. In voltammetry, a potential is applied to the
surface of the electrode, and the analysis is performed by measuring the current caused by the
potential being applied. Amperometric methods are often considered as a sub-category of
voltammetry, where the current is measured as a function of the change in potential applied to
the electrodes.
In addition of potentiometric titration, amperometric titration is one of the methods that is
included in Standard Methods for chlorine determination. Hernlem and Tsai highlighted that the
use of a linear titration curve in amperometric titration (that enables an easier determination of
the end-point) is an advantage of this method over potentiometric titration134. Standard Methods
recommends the use of 0.005 N phenylarsine oxide (PAO) (C6H5AsO) as the standard solution to
titrate the sample29. Amperometric titration can determine not only the concentration of free
chlorine, but also the concentration of chloramine species by adding KI and regulating the pH of
the sample. Similar to the determination of chloramine species by DPD methods, chloramine
species will convert the iodide ions into iodine that can be reduced back through reaction with
PAO. The detection limit of this method has been reported at 0.4 mg/L135. The titrations
reactions are as follows:
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For determination of free chlorine
𝐶6 𝐻5 𝐴𝑠𝑂 + 𝐻𝑂𝐶𝑙 + 𝐻2 𝑂 → 𝐶6 𝐻5 𝐴𝑠𝑂(𝑂𝐻)2 + 𝐻𝐶𝑙

(4.14)

For determination of chloramine species:
𝑁𝐻2 𝐶𝑙 + 3𝐼 − + 𝐻2 𝑂 → 𝑁𝐻4 𝑂𝐻 + 𝐶𝑙 − + 𝐼3−

(4.15)

𝑁𝐻𝐶𝑙2 + 3𝐼 − + 𝐻2 𝑂 + 2𝐻 + → 𝑁𝐻4 𝑂𝐻 + 2𝐶𝑙 − + 𝐼3−

(4.16)

𝐶6 𝐻5 𝐴𝑠𝑂 + 𝐼2 + 2𝐻2 𝑂 → 𝐶6 𝐻5 𝐴𝑠𝑂(𝑂𝐻)2 + 2𝐻𝐼

(4.17)

For a sample that contains chlorine at a concentration lower than 0.2 mg/L, Standard
Methods suggests the use of a modified protocol, which is referred to as the “Low-Level
Amperometric Method”. In the modified procedure, a more dilute standard titrant solution is
used, and the end-point is determined with a graphical method. Even though this modification
makes it possible to detect chlorine at lower concentrations, it can no longer differentiate free
chlorine species from chloramine species.
Voltammetry and amperometric methods usually use platinum electrodes, even though
some other materials, like carbon or other metals are also used for chlorine determination. A
number of studies have been conducted in order to enhance the performance of the commonly
used electrodes by modifying the electrodes. Other studies focused on finding alternative
materials that can be used to fabricate the electrodes.
Aiota et al. combined the amperometric method suggested by Standard Methods, along
with other techniques reported in other studies to measure not only free chlorine species, but also
chlorine dioxides, chlorite, and chlorate in water136. The differentiation between each species
was accomplished through sample pre-treatment and pH adjustment. Besides PAO, the study
also used sodium thiosulfate as an alternative titrant. The study reported that by using the
combined techniques, the detection limit for chlorine dioxide, chlorine, chlorite and chlorate
were 0.05, 0.02, 0.02, and 0.25 mg/L, respectively.
Matuszewski and Trojanowicz combined amperometric detection with a flow injection
system to measure residual chlorine135. They used two polarized platinum electrodes and
successfully minimized the interferences from Fe3+, Cu2+, and NO3- ions. The detection limit that
they reported was 0.002 mg/L when the sampling rate was set at 120 hour-1.
Del Campo, Orderg, and Muñoz proposed the use of gold electrodes rather than platinum
electrodes to enhance the quality of analysis137. In their study, they used electrodes made from
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gold thin-films coated onto silicon chips. These gold-coated electrodes showed better
performance than platinum electrodes in terms of interferences from dissolved oxygen.
Carbon is also a popular material that has been explored for use in electrodes, partially
because it is generally very inexpensive. The kind of carbon materials that have been studied for
this purpose are varied, ranging from carbon nanotube (CNT) composites, to graphene-oxides, to
graphite that was extracted from commercial 2B pencils. Olivé-Monllau et al. integrated
composite electrodes that were fabricated from multiwalled CNTs and epoxy resin into an
automated flow injection system138. The electrodes showed better sensitivity compared to
conventional electrodes, and gave a detection limit of 0.02 mg/L. Senthilkumar and Zen
developed disposable carbon electrodes which were modified with polymelamine139. These
electrodes showed satisfactory stability when they were used to continuously measure chlorine
for a period of 7 days. The detection limit for this new electrode was reported at 0.4 mg/L, with a
linear working range of 0.7 to 500 mg/L.
Another modification of carbon electrodes was reported by Kumar et al., who reduced
graphene oxide through cyclic voltammetry, which was then casting onto the surface of glass
carbon electrodes (GCE)140. The electrodes were then electropolymerized with dopamine to
fabricate a polydopamine-modified glass carbon electrode (PDA@ERGO/GC). This
modification provided quinone functional groups on the surface of the electrode that enhance the
sensitivity. This modified electrode had a detection limit of 44 nM. Still using GCE, Salazar et
al. modified the glass electrodes by coating them with Prussian Blue (PB) (Fe4[Fe(CN)6])
through an electrodeposition process141. Benzethonium chloride (BZTC) was added during the
process to increase the electrodeposition efficiency. The addition of BZTC also seemed to
enhance the electrocatalytic activities of the electrodes. The PB-modified electrodes showed a
good sensitivity (up to 12 μAA ppm-1 cm-2) with a linear working range of 9 × 10-3 to 10 mg/L.
However, these electrodes could only detect free chlorine in the form of HOCl, and thus,
performance is highly affected by pH. The optimum pH for this electrode was at pH 5.5, and
when the pH was higher than pH 9, the electrode showed little response.
Most studies on the use of voltammetry to detect chlorine are based on the reaction of
chlorine with the cathode. Kodera et al. pointed out that this cathodic reaction was very much
alike to the reaction of oxygen reduction142. Thus, they focused their study on using voltammetry
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in chlorine analysis based on reaction that occurs on the anode. Anode reactions involving
chlorine are as follows:
−

−

−

3

6𝑂𝐶𝑙 + 3𝐻2 𝑂 → 2𝐶𝑙𝑂3 + 4𝐶𝑙 + 6𝐻+ + 2 𝑂2 + 6𝑒−
3

6𝐻𝑂𝐶𝑙 + 3𝐻2 𝑂 → 2𝐶𝑙𝑂3− + 4𝐶𝑙 − + 12𝐻 + + 2 𝑂2 + 6𝑒 −

(4.18)
(4.19)

Kodera et al. have evaluated the use of platinum, gold, and glass electrodes to analyze
chlorine based on these anode reactions 143. The results of their experiments suggested that the
active species involved on the anode is OCl-, as indicated from the increasing response obtained
at higher pH. They reported that this method gave a detection limit of 1 mg/L, with a linear
working range of 4 to 400 mg/L.
The use of voltammetry to measure chlorine based on the anodic reaction has also been
investigated by Murata et al., who used highly boron-doped diamond (BDD) electrodes in their
experiments144. Unlike conventional Pt electrodes, BDD electrodes showed a better resistance
towards surface passivation. BDD electrodes also gave better accuracy because there is less noise
from the background current. The reported detection limit was 0.008 mg/L, with a linear working
range of 20 to 100 mg/L.
Other studies have been performed in attempts to develop more feasible and practical
methods of electroanalytical analysis for the measurement of aqueous chlorine. For example,
Jovic et al. developed reproducible and disposable silver electrodes, that could be mass produced
by ink-jet printing145. These printed electrodes could detect chlorine a concentration of 2 mg/L,
and gave a linear working range from 1 to 200 mg/L. Chlorine concentrations greater than 200
mg/L damage the surface of the electrodes, making them unusable. The electrodes were also
susceptible to interferences from other halide species.
And finally, in an attempt to develop a more economical electroanalytical method, Pan et
al. utilized graphite extracted from commercial 2B pencil lead as the electrode material146. To
prepare electrodes from the graphite, an electro amination process was performed by using an
ammonium carbamate solution. These electrodes showed a relatively good selectivity towards
free chlorine, as the electrodes showed no response to the presence of common interfering
species, such as nitrate, sulfate, carbonate, bicarbonate, and chloride. The sensitivity of these
electrodes was reported to be 0.302 μA ppm-1 cm-2.
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CHAPTER 5. OVERALL SUMMARY AND RECOMMENDATION

5.1

Summary
This work has focused on the two reactions that are primarily responsible for the initial

decay of monochloramine in water: (i) the disproportionation reaction, which forms
dichloramine and ammonia, and (ii) the hydrolysis reaction, which forms ammonia and HOCl,
which in turn can react with monochloramine to form dichloramine. Despite the potential for
monochloramine to be used as an alternative to free chlorine as a drinking water disinfectant,
there are only a few studies that have focused on the kinetics of these reactions. In this study,
these two major reactions involving monochloramine were re-evaluated. The rate of
disproportionation reaction was experimentally determined in aqueous solutions containing
different buffers to investigate the catalytic effect of these buffer to the reaction rate. The
hydrolysis reaction also was experimentally investigated by isolating the elementary reaction
from all significant interfering reactions through pH adjustment and though the addition of
cyanide, which rapidly consumed one of the reaction products (HOCl), thereby quenching the
rapid reformation of the parent monochloramine. In addition, even though chlorine is still the
most common disinfectant used in most places, a comprehensive review of the various methods
that have been developed for its analysis in water has not previously been reported. As a result, a
review of chlorine detection methods has been provided in this dissertation.
In Chapter 2, the results of the experiments on the disproportionation reaction are
presented. The data show that when the reaction was conducted in a carbonate buffer in the pH
range of 2.5 to 4, the rate of the reaction was second order in monochloramine concentration and first
order in hydrogen ion concentration, with no buffer dependency. Within is pH range, the equilibria
between carbonate species and dissolved carbon dioxide (CO2,aq) are such that the concentrations

of all carbonate species (i.e., carbonic acid, bicarbonate, and carbonate) are practically
negligible, resulting in observed lack of buffer dependency. The very low concentrations of all
carbonate species in the system, however, made it possible to calculate the rate constant (kH+),
assuming an overall 3rd order reaction (first order in protons, second order in monochloramine).
Based on the result of the experiments, the measured value was kH+ = 3.81 × 105 M-1 min-1. This
value is in very good agreement with that reported by Jafvert and Valentine in a previous study30.
Rate enhancement was observed when the reaction rate was measured in acetate and phosphate

89
buffers, confirming that the presence of buffers indeed catalyzes the reaction. However, the
results implied that the rate enhancement was dependent on the total concentration of each buffer
rather than the concentration of specific acid or base species. This result also suggests that the
disproportionation reaction might not occur specifically through a general acid catalyzed
mechanism, as has been proposed in several other studies9, 11, 28.
In Chapter 3, results of an experimental study on monochloramine hydrolysis are
reported. Cyanide was added to monochloramine solutions to rapidly consume the HOCl
produced during hydrolysis, preventing it from reacting with the excess ammonia in solution,
which would essentially reform monochloramine. pH was maintained within the range 11 to 12
to reduce interferences of other reactions involving cyanide and/or monochloramine.
Calculations involving known reactions and rate constants indicated that the addition of cyanide
had successfully isolated the hydrolysis reaction from other potentially interfering reactions.
Hence, a more accurate and definitive estimate of the reaction rate constant for monochloramine
hydrolysis was determined. For the experimental data, the first-order hydrolysis rate constant
was determined to be khyd = 2.16  10-5 s-1 at 25° C, which is in good agreement with some
previously reported values8, 9. Experiments also were conducted over a range of temperatures,
with the rate constant increasing with increasing temperature, consistent with the Arrhenius
equation. Based on the result, the activation energy and pre-exponential factor of the Arrhenius
equation were calculated to be Ea = 3.12  104 J mole-1 and A = 6.78 sec-1, respectively.
Chapter 4 presents a review on the numerous methods developed for chlorine analysis.
The methods reviewed included colorimetric methods (which also include chemiluminescence
and fluoresecence methods), and some instrumental methods, including electroanalytical
methods. Advantages and disadvantages of each methods were presented. Colorimetric methods
remain the most popular for the routine chlorine analysis, with a diverse range of chemical
probes studied as chromogenic reagents. The popularity of colorimetric methods is mainly due to
the low cost and ease of use for routine analysis. However, most of these methods fall short in
terms of reagent stability, or even reaction product stability. Because colorimetric methods are
based generally on the oxidation of the reagent by chlorine, the methods are often susceptible to
interferences from other oxidizing species. Other methods that are also popular in chlorine
detection by using analytical instruments. The direct spectrophotometric determination of
chlorine species was reviewed, as well as other more complicated instrumental methods,
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including chromatographic and electrochemical methods. Even though the use of these
instrumentations often offer better precision and sensitivity, considering the analytical steps that
need to be performed and maintenance requirements of the instruments, these methods may find
only specific applications, such as where continuous monitoring may be required. Electrochemical methods, which includes potentiometric and voltammetry methods, are also quite
common. Because these methods often do not require a specific reagent, and basically only
require a pair of electrodes and meter, electroanalytical methods are often implemented when
constant monitoring is necessary. Nevertheless, because these measurements are often highly
dependent on the solution pH, these methods may result in imprecise values.
5.2

Recommendations
Because monochloramine is an alternative to free chlorine as a drinking water

disinfectant, it is important to have a good understanding regarding its reactions in water. This
work has explored two of the most important reactions of monochloramine. Nevertheless, there
remains a number of questions about monochloramine (and its fate in a water) that would be
interesting to be explored in more detail.
Chapter 2 has shown that the reaction rate of the disproportionation reaction is dependent
upon both the acid and base species of buffers, rather than on the concentration of the buffer in
only the acidic or basic form. Even though the result of this study has confirmed that the
presence of a buffer enhances the reaction rate, the exact mechanism of how each buffer species
(i.e., the acid species and the base species) can catalyze the reaction has not yet been identified.
Thus, a further study to investigate how each species contributes to the rate enhancement is
needed. The results of this study suggest that it is very likely that the disproportionation reaction
involves the protonated form of monochloramine as one of the reacting species. However, the
reaction rate of monochloramine protonation has never been studied, including the rate of
transfer from buffers, rather than transfer from water. Although it is possible to estimate the rate
constant for reaction between protonated monochloramine and monochloramine by using the
protonation constant (or acid dissociation constant) reported previously31, 32, a study that focuses
on proton transfer from water, versus proton transfer from acidic forms of various buffers during
the reaction would be of interest.
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As presented in Chapter 3 for the first time, the hydrolysis reaction has been successfully
isolated, enabling a more unequivocal estimate for the corresponding rate constant. Considering
that there many other reactions that involve monochloramine, it will be intriguing to explore the
possibility of better isolating these other reaction. More detailed information on each of these
reactions would be an important and valuable contribution for developing a more comprehensive
understanding of the kinetics of chloramine species in water.
In Chapter 4, a wide range of chlorine detection methods was reviewed. Considering that
chlorine is the most common disinfectant used in developed countries, and should also therefore
likely be the most common disinfectant used in developing countries, it would be very useful to
study possible modifications of the existing methods to develop a more economically viable
method that could be used where point-of-use water treatment is implemented. A study on how
to integrate a robust colorimetric method with cell phone-based technology, for example, would
be in interesting and promising endeavour with potential significant real world benefits.
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APPENDIX
MATHEMATICAL DERIVATION FOR MONOCHLORAMINE
DISPORPORTIONATION

List of abbreviations and symbols
A

: Total absorbance

AM

: Monochloramine absorbance

AD

: Dichloramine absorbance

CT

: Total (chlorine) concentration

CM

: Monochloramine concentration

CMi

: Initial monochloramine concentration

CD

: Dichloramine concentration

CDf

: Final dichloramine concentration

εM

: Monochloramine molar absorptivity

εD

: Dichloramine molar absorptivity

l

: Path length

A1.

Basic Equations
𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 → 𝑁𝐻𝐶𝑙2 + 𝑁𝐻3

(1)

𝐶𝑇 = 𝐶𝑀 + 2𝐶𝐷

(2)

𝐶𝐷 =

𝐶𝑇 −𝐶𝑀
2

(3)
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Absorptivity. Absorptivity from monochloramine (NH2Cl) and dichloramine (NHCl2)
𝐴=𝜀∙𝐶∙𝑙

(4)

𝐴𝑀 = 𝜀𝑀 𝐶𝑀 𝑙

(5)

𝐴𝐷 = 𝜀𝐷 𝐶𝐷 𝑙

(6)

Total absorptivity Total absorptivity detected was a total absorptivity from NH2Cl and NHCl2
𝐴 = 𝐴𝑀 + 𝐴𝐷

(7)

𝐴 = 𝜀𝑀 𝐶𝑀 𝑙 + 𝜀𝐷 𝐶𝐷 𝑙

(8)

Initial absorptivity. Assuming that initially only NH2Cl presents in the system, then
𝐶𝑀𝑖 = 𝐶𝑇

(9)

𝐴𝑖 = 𝜀𝑀 𝐶𝑀𝑖 𝑙

(10)

𝐴𝑖 = 𝜀𝑀 𝐶𝑇 𝑙

(11)

𝐴𝑀 = 𝜀𝑀 𝐶𝑀 𝑙

(12)

𝐴

𝐶𝑀 = 𝜀 𝑀𝑙

(13)

𝑀

𝐴

Since

𝐴𝑖 = 𝜀𝑀 𝐶𝑇 𝑙, then

𝐶𝑇 = 𝜀 𝑖

And since

𝐴𝑖 = 𝜀𝑀 𝐶𝑀𝑖 𝑙 , then

𝐶𝑀𝑖 = 𝜀

A2.

𝑀

𝐴𝑖
𝑀𝑙

Comparison Between General Acid - Specific Base Catalyzed Pathway and Specific
Acid - General Base Catalyzed Pathways Mathematical Derivation
𝐻𝐴

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻2 𝐶𝑙 →
𝑟𝑑𝑖𝑠𝑝 =

−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝑁𝐻3 + 𝑁𝐻𝐶𝑙2

(14)

= −2𝑘𝑑𝑖𝑠𝑝 [𝑁𝐻2 𝐶𝑙]2 [𝐻𝐴]

(15)

𝑘𝑑𝑖𝑠𝑝 = ∑ 𝑘𝑖 [𝐻𝐴𝑖 ]
in which HAi is the ith acid species in solution.

(16)

105
Specific Acid Catalyzed Pathway The first step in the reaction is the protonation of NH2Cl,
assisted by H+ as the specific acid.
𝑁𝐻2 𝐶𝑙 + 𝐻 + → 𝑁𝐻3 𝐶𝑙 +

(17)

The equilibrium of that reaction can be written as:
𝐾𝑁𝐻2 𝐶𝑙 =

[𝐻 + ][𝑁𝐻2 𝐶𝑙]

(18)

[𝑁𝐻3 𝐶𝑙+ ]

The concentration of protonated monochloramine can be expressed a
[𝑁𝐻3 𝐶𝑙 + ] =

[𝐻 + ][𝑁𝐻2 𝐶𝑙]

(19)

𝐾𝑁𝐻2 𝐶𝑙

The protonated monochloramine will then react with another monochloramine molecule, assisted
by a general base, B-,
𝐵−

𝑁𝐻2 𝐶𝑙 + 𝑁𝐻3 𝐶𝑙 + → 𝑁𝐻3 + 𝑁𝐻𝐶𝑙2

(20)

For this mechanism, the reaction rate can be mathematically written as:
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝑘𝑜𝑏𝑠𝐵 =

= −2𝑘𝐵 [𝑁𝐻2 𝐶𝑙][𝑁𝐻3 𝐶𝑙 + ][𝐵 − ]
[𝐻 + ][𝑁𝐻2 𝐶𝑙]

= −2𝑘𝐵 [𝑁𝐻2 𝐶𝑙] (

𝐾𝑁𝐻2 𝐶𝑙

) [𝐵 − ]

= −2𝑘𝑜𝑏𝑠𝐵 [𝑁𝐻2 𝐶𝑙]2 [𝐻 + ][𝐵− ]
𝑘𝐵

(21)
(22)
(23)
(24)

𝐾𝑁𝐻2 𝐶𝑙

Consider a species HB, where B- is a general base, as HB may dissociate to form B- and H+,
𝐻𝐵 → 𝐻 + + 𝐵 −
The dissociation constant for this species is given by,
𝐾𝑎𝐵 =

[𝐻 + ][𝐵− ]

(25)

[𝐻𝐵]

[𝐻𝐵] =
[𝐵 − ] =

[𝐻 + ][𝐵− ]

(26)

𝐾𝑎𝐵
𝐾𝑎𝐵 [𝐻𝐵]

(27)

[𝐻 + ]

𝐶𝐵𝑇 = [𝐻𝐵] + [𝐵 − ]
𝐶𝐵𝑇 = [𝐻𝐵] +
𝐶𝐵𝑇 =

[𝐻 + ][𝐵− ]
𝐾𝑎𝐵

𝐾𝑎𝐵 [𝐻𝐵]
[𝐻 + ]

(28)
𝐾𝑎

= [𝐻𝐵] (1 + [𝐻 +𝐵])
[𝐻 + ]

+ [𝐵 − ] = ( 𝐾

𝑎𝐵

+ 1)

(29)
(30)
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[𝐵 − ][𝐻𝐵] =
[𝐵 − ] =

[𝐻 + ]

𝐶𝐵𝑇
𝐾𝑎
(1+ +𝐵 )
[𝐻 ]

𝐶𝐵𝑇
[𝐻+ ]
(1+
)
𝐾𝑎
𝐵

= 𝐶𝐵𝑇 ([𝐻 +]+𝐾 )

(31)

𝑎𝐵

𝐾𝑎

𝐵
= 𝐶𝐵𝑇 ([𝐻 +]+𝐾
)

(32)

𝑎𝐵

Substituting (32) into (25) yields
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝐾𝑎

𝐵
= −2𝑘𝑜𝑏𝑠𝐵 [𝑁𝐻2 𝐶𝑙]2 [𝐻 + ]𝐶𝐵𝑇 ([𝐻 +]+𝐾
)
𝑎𝐵

(33)

which can be rewritten as:
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝐶𝐵

𝑇
= −2𝑘 ′ 𝑜𝑏𝑠𝐵 [𝑁𝐻2 𝐶𝑙]2 [𝐻 + ] ([𝐻 +]+𝐾
)
𝑎𝐵

𝑘 ′ 𝑜𝑏𝑠𝐵 = 𝑘𝑜𝑏𝑠𝐵 × 𝐾𝑎𝐵

(34)
(35)

General Acid Catalyzed Pathway Assuming that the reaction is catalysed by general acid, if HB
is a general acid, then the following rate law applies,
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

= −2𝑘𝐴 [𝑁𝐻2 𝐶𝑙]2 [𝐻𝐵]

(36)

Substituting [HB] from (33) into (36) yields
−𝑑[𝑁𝐻2 𝐶𝑙]
𝑑𝑡

𝐶𝐵

𝑇
= −2𝑘𝐴 [𝑁𝐻2 𝐶𝑙]2 [𝐻 + ] ([𝐻 + ]+𝐾
)
𝑎𝐵

(37)

From the above derivations, it can be seen that both the general acid and specific acid-general
base mechanisms take the same mathematical form of the rate law.

A3.

Absorbance as a Function of Time
Absorbance detected is a total absorbance from monochloramine and dichloramine
𝐴 = 𝐴𝑀 + 𝐴𝐷
𝐴 = 𝜀𝑀 𝐶𝑀 𝑙 + 𝜀𝐷 𝐶𝐷 𝑙
𝐶𝑇 −𝐶𝑀

𝐴 = 𝜀𝑀 𝐶𝑀 𝑙 + 𝜀𝐷 (

2

)𝑙

2𝐴 = 2𝜀𝑀 𝐶𝑀 𝑙 + 𝜀𝐷 𝐶𝑇 𝑙 − 𝜀𝐷 𝐶𝑀 𝑙

(38)

2𝐴 − 𝜀𝐷 𝐶𝑇 𝑙 = 𝐶𝑀 (2𝜀𝑀 𝑙 − 𝜀𝐷 𝑙)

(39)

𝐶𝑀 =

2𝐴−𝜀𝐷 𝐶𝑇 𝑙
2𝜀𝑀 𝑙−𝜀𝐷 𝑙

(40)
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Second Order Reaction Rate Derivation For a second order reaction:
1
𝐶𝑡

1

= 𝐶 + 𝑘. 𝑡

(41)

0

For monochloramine reaction
1
𝐶𝑀
1
𝐶𝑀

1

=𝐶

𝑀𝑖

=

+ 𝑘. 𝑡

(42)

1+ 𝑘.𝑡.𝐶𝑀𝑖

(43)

𝐶𝑀𝑖
𝐶

𝑀𝑖
𝐶𝑀 = 1+ 𝑘.𝑡.𝐶

(44)

𝑀𝑖

Combining (46) and (47) yields:
2𝐴−𝜀𝐷 𝐶𝑇 𝑙
2𝜀𝑀 𝑙−𝜀𝐷 𝑙

𝐶

𝑀𝑖
= 1+ 𝑘.𝑡.𝐶

(45)

𝑀𝑖

Substituting CMi = CT, from (18):
2𝐴−𝜀𝐷 𝐶𝑇 𝑙
2𝜀𝑀 𝑙−𝜀𝐷 𝑙

𝐶𝑇

=𝐶

(46)

𝑇 .𝑘.𝑡+1

2𝐴 − 𝜀𝐷 𝐶𝑇 𝑙 =

𝐶𝑇 .(2𝜀𝑀 𝑙−𝜀𝐷 𝑙)
𝐶𝑇 .𝑘.𝑡+1
2𝐶𝑇 𝜀𝑀 𝑙

2𝐴 − 𝜀𝐷 𝐶𝑇 𝑙 = 𝐶

𝑇

2𝐶𝑇 𝜀𝑀 𝑙−𝐶𝑇 𝜀𝐷 𝑙

2𝐴 =

𝐶𝑇 .𝑘.𝑡+1

𝑇 .𝑘.𝑡+1

+ 𝜀𝐷 𝐶𝑇 𝑙

2𝜀𝑀 −𝜀𝐷

2𝐴 = (𝐶𝑇 𝑙) [𝐶
𝐶𝑇 𝑙

A4.

2

2𝜀𝑀 −𝜀𝐷

) [(𝐶

𝑇 .𝑘.𝑡+1

(48)
(49)

+ 𝜀𝐷 ]

(50)

) + 𝜀𝐷 ]

(51)

𝑇 .𝑘.𝑡+1

𝐴=(

𝐶𝑇 𝜀𝐷 𝑙

−𝐶
.𝑘.𝑡+1

(47)

Determination of Monochloramine and Dichloramine Concentration Based on
Absorbance
Concentration of monochloramine can be calculated from the absorbance detected at 245

nm, which is the wavelength where monochloramine gives a maximum absorbance. The
mathematical expression to calculate the monochloramine concentration is given on Eq. 23.
𝐶𝑀 =

2𝐴𝑇 −𝜀𝐷 𝐶𝑇 𝑙
2𝜀𝑀 𝑙−𝜀𝐷 𝑙

(52)

To check the mass balance of the reaction, the concentration of dichloramine can be calculated
from the absorbance detected at 295 nm. At this wavelength, dichloramine gives a maximum
absorbance.
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𝐴 = 𝜀𝑀 𝐶𝑀 𝑙 + 𝜀𝐷 𝐶𝐷 𝑙
𝐴 = 𝜀𝑀 (𝐶𝑇 − 𝐶𝐷 )𝑙 + 𝜀𝐷 𝐶𝐷 𝑙

(53)

𝐴 = 𝜀𝑀 𝐶𝑇 𝑙 − 2𝜀𝑀 𝐶𝐷 𝑙 + 𝜀𝐷 𝐶𝐷 𝑙

(54)

𝐴 − 𝜀𝑀 𝐶𝑇 𝑙 = 𝜀𝐷 𝐶𝐷 𝑙 − 2𝜀𝑀 𝐶𝐷 𝑙

(55)

𝐴 − 𝜀𝑀 𝐶𝑇 𝑙 = 𝐶𝐷 (𝜀𝐷 𝑙 − 2𝜀𝑀 𝑙)

(56)

𝐴−𝜀𝑀 𝐶𝑇 𝑙

𝐶𝐷 = 𝜀

𝐷 𝑙−2𝜀𝑀 𝑙

(57)

